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PREFACE TO THE REVISED EDITION 


We have sought in this revision to extend the usefulness 
of the book as a general reference in the field of inorganic 
chemistry. In order to provide a convenient single volume 
to which the chemist may turn to find the facts or data 
revelant to the majority of problems which he may en- 
counter, it has been necessary to carefully select the ma- 
terial. Thermodynamical data, such as oxidation potentials, 
equilibrium constants, and free energies, may be used to 
express so concisely the tendency for a reaction to occur 
and the nature of the equilibrium state, that this side of 
the book has been enlarged to include practically all of the 
available data pertaining to aqueous solutions. The recent 
developments in atomic, molecular, and crystal structure, 
atomic sizes, bond distances and bond energies have con- 
tributed much to the correlation of inorganic chemistry 
and we have included the more important facts in this field. 
The chapter on the atomic nucleus has been completely 
rewritten in line with the discoveries which have been 
made during the past ten years in nuclear physics. New 
investigations have been noted in the general field of chem- 
ical facts, and many of the older values for the physical 
constants of inorganic substances have been revised. Sec- 
tions dealing with the chemical industries have been 
brought up to date, and a considerable extension has been 
made in the treatment of the organic chemical industries. 

The text has not been “written down” to the level of 
elementary students. A foreign language may be mastered 
either by starting with a primer or by hearing the language 
spoken and used in every day life. In the first year chem- 
istry course at the University of California, both methods 
of teaching the language of chemistry are employed. We 
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believe that, by the end of the year, the students can ac- 
quire the facility to read and understand the Reference 
Book, and that this ability to read chemical literatures should 
be a most important factor in his development. 


Berkeley, California 
January, 1940. 


W. M. L. 
J. H. H. 



PREFACE TO THE FIRST EDITION 


This book represents the fulfillment of a plan, long 
cherished, of providing a volume of descriptive chemistry 
to complete the series begun with “Principles of Chem- 
istry” by Hildebrand, which adheres strictly to its title, 
and continued with the “Course in General Chemistry” 
by Bray and Latimer, which presents a laboratory course. 
The rather radical experiment in teaching general chem- 
istry, begun in the University of California in 1912, has 
been somewhat hampered by the lack of a reference book 
on descriptive chemistry employing the language and the 
point of view adopted for our instructional scheme. 

This “Reference Book of Inorganic Chemistry” has been 
written as a reference book rather than a text. The authors 
have sought to present essential chemical facts briefly, 
clearly, and in due relation to other facts and principles. 
The instructor using it will have to map out his own course, 
following whatever order of arrangement appeals to him. 
The numbering of paragraphs will make it possible for him 
to assign for study material selected from any desired 
portion of the book. We feel that many teachers will 
welcome the greater freedom thus afforded of developing 
their own pcdagf)gical methods. 

Chemical properties have been widely related to atomic 
structures and sizes. These ideas, although new, and subject 
to revision, are so illuminating that they appeal strongly to 
the imagination. Moreover, they are not difficult to grasp; 
many concepts traditionally introduced into freshman 
courses are far more elusive. 

The formulas of many compounds have been given in 
terms of the Lewis theory of valence, not with the idea 
that these formulas represent the definite locations of the 
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electrons, but rather to call attention to the importance of 
considering the total number of electrons or electron pairs 
in a molecule. 

The extensive tabulation of “half reaction” potentials, 
equivalent to free energy values, will enable one to predict 
the direction and driving force of an immense number of 
reactions. Many of these potentials have been calculated 
for this book from reaction heats and entropy values, and 
have not heretofore been published. 

We have treated industrial processes with emphasis upon 
their chemistry, relation to other industries, and economic 
magnitude, rather than upon their mechanical features. 
Illustrations of industrial processes, of the sort extensively 
used in some texts, have been left to the instructor to pro- 
vide, as he can do so far more adequately, by the use of 
lantern slides and motion pictures. Many excellent films 
are now available at a nominal expense. 

The book contains much more material than the average 
student, or even the average chemist, can assimilate. We 
believe, however, that students should be “exposed” to a 
far greater range of subject matter than is usually pre- 
sented. We have found the appetite and assimilative capac- 
ity of the superior students to be almost unlimited, and 
we see no value in an intellectual diet list. For the average 
student, the presence of this extra material in the book 
does no more damage than the unordered articles listed on 
a restaurant menu. 

We anticipate that this kind of a book will prove useful, 
not only to the freshman student, but also to the student 
who desires a reference book in advanced courses in chem- 
istry and allied subjects; and further that teachers and 
industrial chemists will also find in it answers to many of 
their questions. To increase its usefulness, a large mass of 
data has been included in the form of tables, both in the 
text and in the various appendices. 

In the endeavor to keep the size and cost of the book at 
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a low figure, it was decided to omit references to the orig- 
inal sources of material, although in many instances such 
references would be of historical and scientific value. Fre- 
quent use has been made of the more comprehensive 
treatises, especially: Gmelin-Kraut’s Handbuch der anor- 
ganischen Cheraie; Abegg and Auerbach Handbuch der an- 
organischen Chemie; A Text-Book of Inorganic Chemistry, 
Edited by Friend; A Comprehensive Treatise on Inorganic 
and Theoretical Chemistry by Mellor; Lexikon der anorgan- 
ischen Verbindungen by Hoffman ; Landolt-Bomstein Ta- 
bellen; and The International Critical Tables. 

The authors are much indebted to their colleagues in 
the Department of Chemistry of the University of Cali- 
fornia, especially to Professors G. N. Lewis and W. C. Bray, 
not only for specific criticisms and suggestions, but for 
many of the general ideas upon which our interpretation 
of the facts of inorganic chemistry has been constructed. 

Wendell M. Latimer 

Joel H. Hildebrand 

Berkeley, California 
December, 1928, 
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Chapter I 


HYDROGEN 

1. Structure of Hydrogen Atom. — The element, hydro- 
gen, has three isotopes, their mass numbers being one, two, 
and three. The isotope of mass one is by far the most 
abundant; the hydrogen of ordinary water contains one 
part in seven thousand (approximately) of the isotope with 
mass two, and practically none of the isotope with mass 
three. The latter is formed in certain nuclear reactions but 
undergoes radioactive decomposition. The mass two iso- 
tope is called deuterium. This is the only case in which an 
isotope is designated by special name, but the percentage 
difference in the masses of hydrogen and deuterium greatly 
exceeds that of any two isotopes of the other elements 
and there is a correspondingly greater divergence in their 
physical and chemical properties. 

The hydrogen atom (mass one isotope) is composed of 
two corpuscles; one, the proton, is positively charged and 
the other, the electron, is negatively charged. The mass of 
the proton is about 1,850 times that of the electron but the 
electrical charges, though opposite in sign, are equal in 
magnitude. 

The atom has a large number of energy states represent- 
ing different configurations of the electron and proton. The 
values for the energy of the atom in these different states 
may be expressed as a close approximation by the very 
— 13 54Z* 

simple relation, E — volts per unit charge, where 
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Z is the charge on the proton (equal to unity) and N, called 
the quantum number, is any integer from 1 to <» . The nor- 
mal atom is in the first quantum state (iV = 1) and the 
energy in volts required to move the electron to the 2, 3, 4, 
5, • • • 00 quantum states is shown in Fig. 1. When 
JV = 00 the energy is zero. This corresponds to the com- 
plete separation of the electron and proton, and the total 
energy required per unit charge is given 
as 13.54 volts. 

When the electron moves from a 
higher quantum level to a lower, the 
energy difference is emitted in the form 
of light, whose frequency, v, is related 
to the energy difference, A£, by the 
equation, A£ = hv, where A is a con- 
stant (“Planck constant”). Likewise 
the atom in a lower quantum state may 
absorb energy in the form of light of a 
given frequency and the electron thereby 
move to a quantum level of correspond- 
ingly higher energy. The spectral lines 
arising from electrons falling from outer 
levels to the first quantum level are far 
out in the ultraviolet, but transitions from outer levels to 
the second quantum state give rise to the Balmer series 
which is in the visible spectrum. The highest frequency 
in the hydrogen spectrum is, of course, that corresponding 
to the electron falling from the infinite quantum state. 

Bohr has sought to account for these quantum states by 
picturing the electron as revolving about the proton in some 
one of a number of possible orbits, which are circles or 
ellipses. These orbits are defined by the restriction that the 
momentum of the system must always be some multiple, 
i.e. the quantum number, of a single fundamental quantity. 
The total quantum number was considered to be the sum 
of two other numbers, one giving the units of angular mo- 


N 



Fig. 1. Energy levels 
in the hydrogen atom. 
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Fig. 2. Electron orbits of hydro- 
gen as pictured by Bohr. 


mentum and the other the units of radial momentum, that 
is, momentum in the direction of the radius. These numbers 
fix the size and shape of the orbits. Figure 2 represents these 
orbits for the total quantum number, N = 1,2, and 3, and 
the angular momentum as 
given by the subscripts. The 
radius of the li orbit is 
0.529 X 10-« cm. 

While the existence of dis- 
crete energy states rests upon 
experimental facts, the Bohr 
theory has had to be modified 
so that the orbits no longer have their former clear-cut 
meaning. The changes are due to the discovery that some 
sort of wave motion is associated with a moving particle. 
This has led to modifications in the equations of motion 
to give probabilities rather than precise answers. The 
orbits are now generally referred to as eigen functions, or 
orbitals, from which the probability of finding the electron 
in a given region may be determined. Figure 3 is a schematic 
representation of the wave mechanic picture and may be 
considered as a composite of the electron in many positions 
to give an average electron density. The electrons are 
designated as s, p, d,f, g • ■ ■ corresponding to 0, 1, 2, 3, 4 • • • 
units of angular momentum. 

2. The same general quantum relations as outlined above 
hold for the other elements, complicated, however, by the 
facts: (1) that the positive center is no longer a simple unit 
charge but a complex structure with a net positive charge 
equal to the atomic number, and (2) that the number of 
electrons is not one, but a number equal to the atomic num- 
ber. It is the distribution of these electrons among the 
various quantum states that determines the grouping of the 
elements into the so-called “chemical families.” The maxi- 
mum number of electrons in any atom that can have the 
same total quantum number Nis 2N^, e.g. for iV = 1, the 
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maximum number of electrons is 2 ; for = 2, it is 8. Hence 
when the first quantum level is complete with the second 
element, helium, the three electrons of the third element, 
lithium, cannot all remain in the first level, but one of them 
is forced into the second. With each succeeding element 
of higher atomic number, the number of electrons in the 
second level increases until it is filled with eight electrons, 
i.e. in neon. Each alkali metal marks the beginning of a 



Fig. 3. Different states of the hydrogen atom (after H. E. White): a, the 
atom with a 1 « electron; 6, 2 s electron; c, one of the states with &2p electron 
in a magnetic field. 


new quantum group and each noble gas the completion of 
a group. 

Each orbital (Par. 1 ) contains a maximum of two elec- 
trons and the total number of electrons for any one value 
of the total quantum number, N, and radial quantum 
number I is 2{2l + 1). Thus for the first shell there are two 
5 electrons, for the second two s and six p, for the third, 
two 5, six p, and ten d, and so on. A complete table of the 
distribution of the electrons in the various atoms is given in 
Appendix XVIII. The m^;netic properties of the electron 
indicate that it has a quantized spin motion. However when 
an orbital contains two electrons, the resultant magnetic 
spin moment is zero, that is, the two spins are in opposite 
directions. 

3. Occurrence of Hydrogen. — Only about one per cent 
by weight of the earth’s crust (outer 10 miles) is hydrogen. 
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However, if the composition is expressed in terms of the 
number of atoms, it may be stated that about sixteen per 
cent of all the atoms on the earth’s surface are hydrogen, 
being second in abundance to oxygen. The major portion 
of the earth’s hydrogen is combined with oxygen in water. 
It also frequently occurs combined with sulfur, carbon, 
nitrogen, and chlorine, and less frequently with the other 
halogens and phosphorus. Hydrogen is a constituent of all 
acids, and of all animal and vegetable tissue. Only a trace 
of free hydrogen is found in the atmosphere, about 1 X 10~® 
per cent by volume. Larger quantities are sometimes found 
in volcanic and other natural gases. The spectrum of the 
sun indicates that enormous flames of incandescent hydro- 
gen are frequently shot out distances of thousands of 
miles. 

4. Molecular Hydrogen. — Atomic hydrogen combines to 
form the molecule H 2 . Representing the proton by H, and 
the electron by a dot, we may write H:H as the electronic 
formula of the molecule, indicating that the two electrons 
constitute a bond holding the protons together. Due to 
the spin of the protons, two forms of the molecule exist: 
para- with spin directions opposed and ortho- with the 
spins the same. At room temperature the gas is ^ para- and 
f ortho- in an equilibrium mixture. Equilibrium at the 
boiling point gives almost pure para- but the change from 
the high temperature mixture is slow. It is however cata- 
lyzed by charcoal and other surfaces. The boiling point of 
pure para-hydrogen is 20.25° K. 

Hydrogen has the lowest molecular weight and hence the 
smallest density of any substance, and, with the exception 
of helium, the lowest melting point and the lowest boiling 
point. The gas is odorless, tasteless, and colorless. The 
most important physical constants are collected in 
Table I. 

Hydrogen was first liquefied by Dewar (1898). The 
gas in expanding from high pressure to low pressure is 
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TABLE I 


Physical Constants of Hydrogen 


Melting point, ® C. 


— 259.2 Density g. /liter at 0® and 

13.9 860 mm 0.08985 


Heat of fusion, cals, per 

mole 28 

Boiling point, ® C — 252.7 

® A 20.4 

Heat of vaporization, cals, 
per mole 218 

Critical temperature, ® C. . — 241 

°A.. 32 

Critical pressure, atmos. . . 20 


Density of liquid g./cc 0.071 

Solubility in water at 25° 
vol. per 100 vol. of H 2 O. . . 1.8 

Heat of dissociation, H 2 ~ 


2H cal. per mole 103,730 

Per cent H 2 dissociated at 
1 atm. total pressure 

At 2,500“ A 1.3 

3,500“ A 29.7 


heated at ordinary temperatures, but if cooled in liquid 
air (— 185° C.), the sign of this heat is reversed. Ad- 
vantage is taken of this fact in the liquefaction process. 
(For further discussion of liquefaction process cf. Ht — 6.) 
The metals of the nickel, palladium, platinum groups oc- 
clude or dissolve hydrogen to a remarkable degree. Under 
certain conditions one volume of palladium will take up 
almost 900 volumes of hydrogen at 20° and 1 atmosphere. 
(Cf. Palladium, XX — 27.) Molecular hydrogen has a very 
high relative rate of diffusion since this property is inversely 
proportional to the square root of the density. Thus the 
densities of hydrogen and oxygen are in the ratio of 1/16 
and hydrogen diffuses four times as fast as oxygen. 

6. Reactions of Hydrogen. — Hydrogen combines directly 
with most of the lighter elements, accompanied in the case 
of the more electronegative elements with the evolution of 
large amounts of energy ; e.g. a jet of hydrogen bums readily 
in an atmosphere of oxygen or chlorine, and its mixtures 
with these gases are highly explosive. 

The electron formulas of the compounds with the ele- 
ments from lithium to fluorine are as follows: 
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Element 

Li* Be: -B: :C: :N: :0: 

Compound 

H H H 

Li:H HtBerH H:B:H H:C:H H:N:H H:6:H 

• • • • • • 

H 

From CH4 to H2O the four pairs of electrons have tetra- 
hedral symmetry. Thus in H2O the molecule is not linear 
as indicated in the electron formula given above, but the 
hydrogens are located approximately at corners of a tetra- 
hedron. 

The more negative the element, the more completely 
does it tend to acquire the electrons of hydrogen, thus 
leaving the hydrogen with a charge of -|- 1 . The more posi- 
tive elements, on the other hand, tend to lose their electrons 
to hydrogen, giving it a charge of — 1, since, as mentioned 
in Paragraph 2, there is room for two electrons in 
the first quantum state of the hydrogen atom. In this 
respect hydrogen resembles the halogen family, all members 
of which lack one electron of completing the noble gas 
structure. 

Hydrogen in the — 1 state is known as hydride. The ion 
in water solutions is unstable with respect to the reaction 

H- + H2O = H2 + OH- 

For the hydride potential see Appendix II. The details of 
the reactions of hydrogen will be discussed under the 
various elements, although the general reaction of hydrogen 
to hydrogen ion is to be considered under the following 
topic. 

6. Properties of the Hydrogen Ion. — Hydrogen ion is the 
substance present in all solutions of strong acids and its 
properties are the familiar properties common to all acids, 
such as sour taste, characteristic color changes with organic 
indicators, e.g. the change of blue litmus to red, the neu- 
tralization of bases, and the solution of base metals. A 


:F: 

H:F: 
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complete statement of the properties of hydrogen ion would 
include values for the degree of dissociation, volatility, and 
solubility of all of its compounds, since these quantities 
determine the extent to which hydrogen ion will unite with 
negative ions. For example, the statement that the concen- 
trations of hydrogen ion and hydroxide ion in pure water 
are 10~'' moles per liter is equivalent to saying that the 
reaction, -f OH“ = H 2 O, takes place until the concen- 
trations of the ions reach this value. Likewise the state- 
ment that the volatility of hydrogen chloride from its water 
solution is high at 100° C. is equivalent to saying that the 
reaction, H"*" -1- Cl~ = HCl (gas), has a strong tendency 
to take place at this temperature. 

7. Many of the most important reactions of hydrogen 
ion and hydrogen gas may be summarized in terms of the 
oxidation-reduction couple, IH 2 = H+ -f e~. (The electron 
will be denoted by a dot in certain structural formulas, as 
in Paragraph 5, but in writing ordinary equations, we will 
use the symbol e“.) For example, zinc will displace or 
liberate hydrogen from acids because the reaction, Zn 
= Zn++ + 2e~, gives a higher “pressure” (voltage) of 
electrons. The total reaction, Zn + 2H+ = Zn++ -f- H 2 , is 
the result of the transfer of the electrons from the zinc to 
the hydrogen ion. On the other hand, the reaction Ag 
= Ag+ -f e~ has a lower voltage than hydrogen ; and hy- 
drogen reduces silver ion, 2Ag+ + H 2 = 2Ag + 2H+, by 
the transfer of electrons from the hydrogen to the silver 
ion. Reference may be made to the table of oxidation- 
reduction potentials (Append. II) for the position of hy- 
drogen in respect to a large number of oxidation-reduction 
couples. Mention should be made of the fact that the oxi- 
dation of metals by hydrogen ion is often a slow reaction, 
and that the speed depends greatly upon the nature of the 
surface upon which the gas deposits. Thus the action of 
acid upon zinc proceeds very slowly if the zinc is pure, and 
rapidly only when impurities are present. The power of 
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hydrogen ion as an oxidizing agent depends, of course, upon 
its concentration. In normal alkaline solution, a stronger 
reducing agent is required to liberate hydrogen than in acid 
since the potential of the reaction, IH2 + OH~ = H2O 
+ e~ , is 0.83 volt more positive than the potential of the 
acid couple. 

Although the formula of hydrogen ion in water solution 
is written as H'*', the ion exerts such a strong attraction upon 
the water molecules that it might be written H(H20)n+. 
The energy of hydration of the hydrogen ion, approxi- 
mately 250,000 cal., is larger than that of any other singly 
charged ion. 

8 . Preparation. — ^Although hydrogen is liberated by the 
action of the electropositive metals, such as sodium, potas- 
sium, and calcium upon water, these metals are too ex- 
pensive for its practical preparation. Hydrogen is some- 
times prepared by passing steam over finely divided iron 
heated to redness. 3 Fe + 4H2O = Fe304 + 4H2. The gas 
is conveniently prepared in the laboratory by the action of 
dilute sulfuric or hydrochloric acid upon zinc or aluminum. 
Hydrogen so prepared usually contains small quantities of 
volatile hydrogen compounds resulting from the presence 
of impurities in the metals. These may be removed by 
bubbling the gas through a permanganate solution. Water 
vapor is conveniently removed by contact with concen- 
trated sulfuric acid. 

There are four principal sources of commercial hydrogen : 
the reduction of water by carbon, the destructive distilla- 
tion of coal, the cracking of methane, CH4, and the elec- 
trolysis of aqueous solutions. The reduction of water by 
carbon involves the water gas reaction: H2O -f C = CO 
-f- H2, and the further reaction, H2O -|- CO = H2 -H CO2 
(cf. Xm — 6). Coke-oven hydrogen is a by-product of the 
destructive distillation of coal and contains large quantities 
of methane, which may be removed by liquefaction. Elec- 
trolytic hydrogen is now usually prepared by the electrolysis 
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of concentrated sodium hydroxide solutions with iron or 
nickel electrodes. Hydrogen is liberated at the cathode and 
oxygen at the anode. The gas is quite pure except for a 
small quantity of oxygen which is present by diffusion from 
the anode. This may be removed by passing the gas over a 
catalyst, e.g. finely divided nickel at 250° C., which accel- 
erates the combinations of hydrogen and oxygen. Large 
quantities of hydrogen are also formed as a by-product in 
the manufacture of sodium hydroxide (cf. IV — 12) by the 
electrolysis of salt brine. 

9. Commercial Uses. — ^The oxy-hydrogen flame is used 
in cutting and welding metals. The temperature of the 
flame is approximately 2,500° C. A special burner is em- 
ployed which prevents the explosion of the gases by mixing 
them just before they reach the orifice. The atomic hydro- 
gen torch, recently developed, has many advantages in 
welding under reducing conditions. The atomic hydrogen 
is formed by blowing hydrogen through a very hot electric 
arc. The metal surface acts as a catalyst for the union of 
the atomic hydrogen and is heated to a high temperature, 
estimated between 4,000 and 5,000° C., by the heat liberated 
through the formation of the H 2 molecule. 

Large quantities of hydrogen are consumed in the manu- 
facture of synthetic ammonia by the direct union of the 
elements. The synthetic production of methanol, CH3OH, 
and other liquid fuels by the reaction of hydrogen and car- 
bon monoxide in the presence of catalysts promises to be- 
come of great industrial significance. Another important 
use is in the hydrogenation of many oils, such as cotton- 
seed oil, to form solid fats. 

Hydrogen is also employed as a lifting medium in bal- 
loons. Its efficiency depends upon the difference in weight 
of equal volumes of hydrogen and air. This is 1.2 grams per 
liter at 0° C. and 1 atmosphere. 

10. Analytical, — Hydrogen is often determined by mix- 
ing with an excess of oxygen and passing the mixture over a 
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glowing filament electrically heated. The per cent of hy- 
drogen is calculated by the contraction in volume due to the 
formation of water. Hydrogen is also determined by passing 
the gas over hot copper oxide, CuO H 2 = Cu -h H 2 O, 
and absorbing the water in a weighed tube of calcium 
chloride. 

11. Deuterium. — Since the mass of deuteriu m is approx- 
imately double that of ordinary hydrogen, its nucleus may 
be considered to be composed of one proton and one neu- 
tron. The resulting charge is one positive so the atom has 
but one “orbital” electron. The electron energy levels are 
almost identical with those of the mass one isotope and the 
principal differences In the physical and chemical properties 
of the two isotopes are due to the difference in the energy of 
vibration of the two atoms in their various molecules. For 
example, the energy of dissociation of D 2 is 1.8 kcal. larger 
than that of H 2 because of the difference in energy of the 
vibrational states. Similar differences in the energies of the 
bonds of hydrogen and deuterium to oxygen exist in the 
oxides H 2 O and D 2 O. The heat of vaporization of D 2 O is 
about 260 cal. per mole greater than that of H 2 O. 


TABLE II 

Physical Constants of Deuterium and Heavy Water 

Atomic weight D 2.00147 Density D 2 O 25° C 1.1066 

Boiling point Dj, ° A 23.S Melting point D 2 O ° C. . . 3.82 

Freezing point Da, ° A 18.7 Boiling point D 2 O ° C. . . 101.42 

Da = 2D+ (in pure DaO) Temperature of maximum 

+ 2e- E° (volts) 0.0046 density, ° C 11.6 

DaO =■ OD- + D+ Kas”. 0.3 X 10-“ 


The preparation of pure deuterium was first carried out 
by the fractional electrolysis of a sodium hydroxide solu- 
tion with nickel electrodes; the hydrogen evolved at the 
cathode is 5 to 8 times poorer in deuterium than the water 
and the heavier isotope thus accumulates in the residues. 
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Concentration of DHO and D2O in water may also be 
effected in an efficient distilling column. 

The replacement of hydrogen atoms by deuterium in 
organic molecules has opened many new fields of investiga- 
tion into the mechanism of organic and biochemical re- 
actions. 



Chapter II 


INERT GASES: HELIUM, NEON, ARGON, 
KRYPTON, XENON, RADON 

1. As early as 1784, Cavendish showed that air contained 
a small amount of an unknown gas which was quite non- 
reactive, but further work on the subject was not pub- 
lished until 1893, when Lord Rayleigh found that the 
weight of 1 liter of nitrogen prepared from pure nitrogen 
compounds was 1.2506 g., as compared to 1.2572 g. for 
atmospheric nitrogen. This discrepancy led to a careful 
investigation of atmospheric nitrogen by Rayleigh and 
Ramsey and to the discovery of argon. Ramsey shortly 
after identified the gas given off by uranium minerals as 
the unknown element, helium, whose existence Lockyer 
had postulated in 1868 to account for a prominent yellow 
line in the solar spectrum. Subsequent investigation by 
fractional distillation of the crude argon obtained from air 
led to the discovery of neon, krypton, and xenon, the per- 
centage of the various gases in air being: 


He 

Ne 

A 

Kr 

Xe 

0.0004 

0.0012 

0.94 

0.00005 

0.000006 per cent 


The natural gas fields of Texas and Kansas contain 
helium in small amounts, a number of these wells, high in 
nitrogen content, analyzing between 1 and 2 per cent of the 
gas. 

Research on the radioactive elements (Chap. XXI) has 
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shown that the so-called alpha-ray, or particle, is doubly 
charged helium, and that helium is thus one of the products 
of the decomposition of these unstable elements. It has 
been calculated that a gram of radium produces 0.11 cc. of 
helium per year, and a gram of uranium oxide, UsOg, 
9.1 X 10“® cc. The radioactive mineral monazite contains 
about 1 cc. of helium per gram. The loss of an alpha particle 
by radium or its isotopes results in the formation of the 
heaviest member of the inert gas group, radon, also called 
niton. Radon, however, is very unstable, the average life 
of an atom being only a few days (Chap. XXI). 

2. Physical Properties. — ^The more important physical 
properties have been summarized in Table I. The gases are 
all monatomic, and the low values of the boiling points in- 
dicate that their atoms have very little attraction for each 
other. Indeed, the helium atom is so inert that this element 
possesses the lowest boiling point of any substance, and by 

boiling under reduced pres- 
sure (below 0.01 mm.), a 
temperature of 0.7° abso- 
lute has been obtained. 
Considerable pressure (140 
atm. at 4.2°) is required to 
cause liquid helium to so- 
lidify and the force of at- 
traction is so small that the 
heat of solidification at the 



Fig. 1. DiapammatJC representation lowest temperatures IS prac- 
of the phases in helium at low tempera- n t -i i. j 

tures. tically zero. Like hydrogen, 

helium gas heats slightly 
when expanded at ordinary temperature and the gas must be 
cooled to the temperature of solid hydrogen (about 11° A.) 
before it can be cooled by free expansion. 

When liquid helium is cooled to 2.2° A. a remarkable 
transition occurs, for example, the viscosity decreases and 
the thermal conductivity increases. The substance sppmg 



TABLE I 

Atomic and Physical Properties 
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to be a solid with properties of a gas. This appears to be a 
different state of matter and it is referred to as a degenerate 
gas. The phase relations are indicated in Fig. 1. 

The inert gases are somewhat soluble in water and the 
solubility increases markedly with increasing atomic weight. 
Helium and neon are not appreciably absorbed by charcoal 
cooled in liquid air, but the heavier gases are readily 
absorbed. 

The potentials required to remove electrons from the 
gaseous atoms are relatively high (Table I) but ionization is, 
of course, produced when the gas is subjected to an elec- 
trical discharge, i.e. bombarded with high speed electrons. 
The gas under the influence of such a discharge is luminous, 
due to the light emitted upon the recombination of the 
electron with the atom, and the characteristic spectrum of 
each of the elements, thus produced, serves as a ready 
means of identification. 

3. Electron Structure and Chemical Properties. — ^The 
configuration of the electrons in the various atoms of the 
group is important, not only as explaining their inertness, 
but also in connection with the interpretation of the forma- 
tion of the great majority of chemical compounds. Each 
inert gas marks the completion of an outer shell of eight 
electrons, except in the case of helium which completes the 
first quantum group containing but two electrons (Table I). 
These completed groups are so stable that not only are the 
ionization potentials of the inert gases very high, but the 
elements preceding and following each inert gas readily 
gain or lose sufficient electrons to form ions with the same 
electronic structure, i.e. the completed octet. This is illus- 
trated by the following ions all with the electron structure 
of neon: 



o— 

F- 

Ne 

Na+ 

Mg++ 

Nucleus 

+ 8 

+ 9 


+ 11 

+ 12 

Electrons in 1st group 

2 

2 

2 

2 

2 

2d group 

8 

8 

8 

8 

8 
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Thus the formation of many binary compounds consists 
in the transfer of electrons from a metallic element to a 
non-metallic element with the formation of positive and 
negative ions of the inert gas type, e.g. in the ions shown 
above: Na + F = (Na+)(F~), and crystals of such com- 
pounds are lattices built up of these ions (cf. Append. V for 
many lattice types). However, it is not to be inferred that 
all positive ions are of the inert gas type, as most of the 
noble metals form ions of somewhat different structure 
(cf. vn— 1). 

Although the statement is generally made that the inert 
gases form no compounds, a few relatively unstable com- 
pounds do exist. Thus helium and hydrogen gases subjected 
to an electrical discharge contain small amounts of the ions, 
HeH+ and HeH 2 +, and the large solubility of the heavier 
members of the group indicates the formation of unstable 
hydrates. It is claimed that under a pressure of 15 atmos- 
pheres at 0°, krypton forms the hydrate, KnSHaO. A 
series of compounds, stable below — 130°, has been re- 
ported for argon and boron trifluoride, e.g. ACBFs), A(BF 3 ) 2 , 
A(BF3)3. 

4. Commercial Preparation and Uses. — ^The United 
States government operates a plant in Texas for the ex- 
traction of helium from natural gas. During the period 1929 
to 1937 approximately eighty million cubic feet of the gas 
were extracted. The process is one of fractional liquefac- 
tion. The gas is used in dirigibles and balloons as it has a 
lifting power only about 10 per cent less than hydrogen and 
is, of course, non-combustible. 

Helium has assumed considerable importance in deep 
diving and in deep caisson operations, where men engaged 
are subject to “caisson disease.” This is due to the solution 
of nitrogen in the blood at high pressure, and its subsequent 
escape when the pressure is lowered, forming bubbles in the 
capillaries, or in the brain or spinal cord. It has been shown 
that the time required in coming out from under high 
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pressure is greatly reduced by the substitution of a mixture 
of oxygen and helium for compressed air, on account of the 
pmall solubility of helium. Mixtures of helium and oxygen 
are also used in treatment of acute cases of asthma and 
other diseases where there is constriction of the air pas- 
sages. 

The very low boiling point of helium makes it of special 
importance in the investigation of the behavior of sub- 
stances in the neighborhood of absolute zero. Among the 
more significant changes at these temperatures is the dis- 
appearance of the specific heat and coefficient of expansion 
of solids, and the electrical resistance of many metals. 
Although, in general, the resistance of metals decreases 
with decreasing temperature, there is often an abrupt drop 
a few degrees above absolute zero: thus, at 7“ A., the re- 
sistance of lead suddenly decreases a million-fold. 

The neon tubes used in electric signs contain the gas 
under low pressure. The commercial source of the element 
is the fractionation of atmospheric argon. 

Argon is now used extensively in filling electric light 
globes. The presence of the inert gas decreases the rate of 
evaporation of the filament, retards the blackening of the 
bulb, and makes possible the operation of the lamp at a 
higher temperature, thus greatly increasing its efficiency. 



Chapter III 


OXYGEN 

1. The elements of Group VI, — oxygen, O, sulfur, S, 
selenium, Se, and tellurium, Te, are characterized by the 
presence of six outer or valence electrons, and the tendency 
to complete the octet of the noble gas structure by the addi- 
tion of two electrons. Consequently these elements readily 
form compounds in which they have an oxidation state 
of — 2. This tendency is the greatest with the smallest 
atom; hence oxygen is the strongest oxidizing agent and 
tellurium the weakest. On the other hand the six valence 
electrons of the neutral atom may be removed, wholly or in 
part, giving positive oxidation states up to six. In the case 
of oxygen this can only be done by high potentials in the 
gas at low pressure, as no other element is capable of re- 
moving electrons from oxygen; hence no ordinary com- 
pounds exist in which the oxygen atom must be considered 
as having a positive charge (with possible exception of F 2 O). 
This separates it considerably in chemical behavior from the 
other members of the group, and suggests its separate con- 
sideration. 

2. Occurrence. — ^Approximately half by weight of the 
material of the earth’s crust is oxygen, and since the atomic 
weight of oxygen is less than the average atomic weights of 
the other elements, it follows that more than half of all the 
atoms of the earth’s crust are oxygen. The most abundant 
of its compounds are those with silicon and aluminum. 
The element occurs in the free state in the atmosphere, 
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which is one fifth oxygen by volume. Eight ninths by weight 
of water and between 40 and 50 per cent of all rocks is oxy- 
gen. Compounds are known with all the elements except 
the noble gases. 

3. Physical Properties. — In common with the other ele- 
ments of the family, oxygen exists in several molecular 
forms. In the gaseous state there are two modifications, 
ordinary oxygen, O2, and ozone, O3. These and probably 
O 4 also can exist as liquids. Solid oxygen exists in at least 
three modifications. The more important properties of the 
oxygen atom and the O 2 molecule are given in Table I. 

TABLE I 


Atomic and Physical Properties of Oxygen 


Atomic number 

8 

Density g. per cc. 0®C. 


Nucleus 

\ protons (i-) 

8 

and 1 At., 


8 

gas 

0.0014290 

Atomic weight 

16.00 

liquid - 183® 

1.13 

Isotopes 

16 

Vaporization at 1 At. 


traces of 17 and 18 


Temperature ° A 

90.1 

Electrons in various energy 


Heat, cals 

1629 

levels, 1st 

2 

Fusion 


2d 

6 

Temperature ® A 

54.4 

Ionization potential, volts 


Heat, cals 

105 

1st electron 

13.55 

Transition Solid 1 ~ Solida 


2nd electron 

34.93 

Temperature ° A 

43.7 

Electron affinity, volts 


Heat, cals 

177 

1st electron 

2.2 

Transition Solida = Solidj 


2nd electron 

-9.5 

Temperature ® A 

23.7 

Heat of dissociation of O 2 


Heat, cals 

17.5 

molecule, kcal 

Dielectric constant of liquid. 

117.3 

Solubility per 100 g. water 


1.47 

0® C 

0.007 

Magnetic moment of liquid 


25® C 

0.004 

O 2 compared to iron as 
unity 

0.001 

100® C 

0.001 

Size of 0“ in crystals, 




cm. X 10® 

1.40 




The oxygen molecule O 2 is highly magnetic, and since 
this property is associated with atoms having an odd num- 
ber of electrons, it is assumed that the electron formula 

•• •• .. •• 

for the molecule is : 0 ; 0 : rather than : 0 :: 0 : or : 0 : 0 : . 
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The variation with concentration of certain of the properties 
of liquid oxygen dissolved in liquid nitrogen may be ex- 
plained on the assumption of an equilibrium, 2O2 = O4. 
The change of this equilibrium with temperature may ex- 
plain the very large coefficient of expansion of the liquid. 
In harmony with the assumed structure of O2 the most 
likely structure of O4 would be 

:0 :0 : 

: 6 : 6 : 

However the small energy of formation of O4 suggests 
that the bonds between the two O2 molecules are not true 
electron pair bonds. 

4 . Chemical Properties. — Oxygen combines directly with 
all other elements except the halogens, the noble gases, and 
a few of the most noble metals, and in many of these re- 
actions sufficient energy is evolved to heat the products to 
the point of incandescence, as in the familiar burning of 
carbon in air. Very often reactions of oxygen which are 
rapid at high temperatures will not proceed at low tempera- 
tures; thus carbon must be heated before it ignites in air, 
but many oxidations do go slowly in the cold, e.g. the rusting 
of iron. 

A compound of oxygen with another element is called an 
oxide, and the oxidation state of — 2 (except in peroxides, 
Par. 11) is assigned to the oxygen indicating that it has 
gained two electrons, e.g. 

2Ca : -i- : O : 6 : = 2Ca : 6 : 

• • 

6. The slowness of many oxygen reactions is doubtless 
connected with the large energy required to dissociate the 
oxygen molecule into atoms. Indeed the probable mecha- 
nism of most reactions of oxygen is first the addition of two 
electrons to the O2 to form a peroxide, where the bond be- 
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tween the oxygen atoms remains unbroken, as illustrated 
by: 


The process of oxidation may be examined in detail by 
arbitrarily dividing the formation of an oxide into the follow- 
ing steps. (This does not imply that the process of oxidation 
ordinarily occurs in this way.) Using copper oxide by way of 
illustration: 


a b 

02 (gas) 0(gas) Q-^fgas) 


c d e _ 

Cu(solid) Cu(liquid) Cu(gas) Cu++(gas) 


CuO(solid) 


The dissociation of the oxygen molecule, step a, involves 
the absorption of a large amount of energy, as do also steps 
c and d, which represents the detachment of copper atoms 
from the solid mass. The removal of electrons from the 
metal, step e, requires the absorption of still more energy 
(i.e. the ionization potential). The addition of two elec- 
trons to the oxygen atom, step h, also requires energy; 
although it is not large, because of the tendency to com- 
plete the octet. It is step / which is chiefly responsible for 
making the net result of the whole process an evolution of 
energy, and this step must be very large in order to over- 
come the energy absorption of steps a, b, c, d, and e. Now 
it is very illuminating to note that step / depends for posi- 
tive ions of the same charge chiefly upon the size of the 
ions, being greater the smaller the positive ion. Further- 
more, the great stability of oxides, as compared with many 
other binary compounds, depends upon the fact that the 
oxygen ion is one of the smallest negative ions. The effect 
of step /, for example, makes the heat of formation of 
lithium oxide, 142 kcal., greater than that of sodium oxide, 


§ 6 ] 


OXYGEN 


23 


101 kcal., in spite of the fact that more energy is absorbed 
in removing the electron from lithium than from sodium. 

The above scheme throws light upon differences in the 
heat of combustion of other substances. Thus a metal of 
high melting and boiling point, such as platinum, owes its 
noble character in part to high values for steps c and d, and 
not entirely to a high value for step e. Again, the high stabil- 
ity of silicon dioxide is related to the large energy evolution 
of step /, which may be inferred from its high melting point 
and great hardness. 

6. Preparation and Uses. — Commercial oxygen is now 
prepared on a large scale by the fractional distillation of 
liquid air. The principle of the method may be understood 
by considering the liquid vapor diagram. Fig. 1, for solu- 


tions of oxygen and nitro- 
gen. Nitrogen boils at 

— 195° C. and oxygen at 

— 183° C. At intermediate 
temperatures, a solution of 
the two liquids in equilib- 
rium with the vapors has 
the composition h and the 
vapor, the composition a. 



Since the gas phase is much Per cent of oxygen 

richer in nitr<^ than the 
liquid, evaporation results 

in the liquid becoming richer in oxygen. Simply boiling 
off the nitrogen from liquid air would not give an effi- 
cient separation of the two gases, so the process is carried 
out in a fractionating column. The cold liquid enters 
the top of the column; as the liquid evaporates the 
temperature rises and the liquid increases in oxygen con- 
tent; the vaporized gas passes up through the colder 
liquid and loses oxygen, becoming almost pure nitrogen. 


Oxygen cannot be liquefied above its critical temperature, 
— 118° C., by any pressure, however great; but the fact 
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that compressed air at room temperature cools upon ex- 
panding, due to the work done in overcoming the attraction 
between the molecules (Joule-Thomson effect), makes pos- 
sible the Linde liquefaction process. Air is compressed to 
about 3,000 lb. per sq. in. and allowed to expand. The 
cool expanded air is led back over the incoming highly com- 
pressed air and cools it until finally the temperature drops 
sufficiently below the critical temperature to permit lique- 
faction. In the Claude process the compressed air is sub- 
jected to an additional cooling effect by doing external 
work. Some commercial oxygen is prepared by the elec- 
trolysis of water; however, unless the electrical energy is 
very cheap and there exists a ready market for the hydrogen 
produced at the same time, the electrolytic process cannot 
compete with the liquid air process. 

Barium peroxide was formerly an important source of 
oxygen, since the reaction, BaO -f iOa = Ba02, is easily 
reversible. The process was usually carried out at 700° C. ; 
the barium peroxide being first formed from air at a pres- 
sure of about 3 atmospheres, and the oxygen then pumped 
off by reducing the pressure. 

Sodium peroxide (cf. IV-11) is a convenient source of 
oxygen in small quantities. A common laboratory method 
for the preparation of oxygen consists of the decomposition 
of potassium chlorate using manganese dioxide as a catalyst 
at about 200° C. : 2KC10s = 2KC1 -f- 3 O 2 . In the absence 
of a catalyst, oxygen is evolved but slowly; most of the 
chlorate being converted into perchlorate, which is much 
more stable. In the early investigations of oxygen by 
Scheele, Priestley, and Lavoisier (about 1775) much use 
was made of the compounds HgO, Mn02, Pb02, and KNO3, 
all of which give oxygen upon heating. 

The present commercial importance of oxygen has re- 
sulted from the development of the oxy-acetylene torch in 
welding and cutting metals. Oxygen for this purpose is 
sold in heavy cylinders under a pressure of about 2,000 lb. 
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per sq. inch. The oxy-hydrogen torch, although not pro- 
ducing as high a temperature as the oxy-acetylene flame, is 
also of wide industrial use. Pure oxygen is used in the treat- 
ment of pneumonia and in cases of asphyxiation; and mix- 
tures of oxygen with nitrous oxide or ether are adminis- 
tered in producing anesthesia. It is also used to maintain 
the oxygen content of the air in submarines. The “harden- 
ing” of certain oils is accelerated by using pure oxygen. 
Charcoal, cotton, or other cellulose soaked in liquid oxygen 
form high explosives known as “oxylignite.” 

7. Oxides, Bases, Acids. — ^The various types of oxides 
with different elements correspond to all the possible oxida- 
tion states of the positive elements from -b 1, as in CuaO, 
to -f 8, as in OSO4. In addition, a number of mixed oxides 
occur with elements forming oxides of more than one state, 
for example Pbs04, which is (Pb0)2Pb02, and Fe304, which 
is Fe0*Fe203. In the crystalline state, if the force of attrac- 
tion between the positive kernel and the oxide ion is not 
too great, the oxides crystallize in the completely polar type 
of structure: for example, the CaO crystal is a lattice of 
Ca"*^ and O similar to the sodium chloride structure, and 
there are no molecules of CaO. On the other hand, large at- 
tractive forces allow the molecule to preserve its identity 
in the solid as in carbon dioxide. 

Oxides of metal ions with small positive charge react 
with water to form bases, e.g. Na20 -1- H2O = 2NaOH, 
MgO -f H2O = Mg(OH)2; while oxides of non-metals, and 
even of metals in the higher oxidation states react with 
water to form acids: e.g. CI2O -t- H2O = 2HOC1; SO2 
-f H2O = H2SO3; Cr03 -b H2O = H2Cr04; AsaOs -b SHjO 
= 2H3ASO4. In all of these compounds an atom of oxygen 
separates a hydrogen atom from the remainder of the mole- 
cule; and the basic or acidic character seems to depend 
largely upon the relative attractive forces between the oxide 
ion and the hydrogen ion, on the one hand, and the re- 
mainder of the molecule on the other, modified by the 
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energy of hydration of the resulting ions. Thus NaOH is a 
base because the cleavage occurs more easily at a, while 
HOCl is an acid because it occurs at b. 

Na 1 : 6 : 1 H : ci 1 : 0 : ] H 

a b a b 


The bond between the sodium and oxygen is largely that 
of the coulombic attraction [£ = ee'l{r + r')], while the 
bond between the chlorine and oxygen has considerable 
covalent (electron pair) character. The greater ability of 
the chlorine to take electrons away from the oxygen makes 
the latter more positive in HCIO than in NaOH and, in 
general, the more positive the oxygen the weaker will be 
its bond with the hydrogen. 

A larger positive charge on an atom also accounts for its 
greater tendency to give acidic properties. For example, if 
we compare HCIO with HCIO4, 


H:0 :|C1: 


H:0 


:0 : 

Cl :0 
:0 : 


and consider that in the latter the electrons largely belong 
to the oxygen, making the chlorine + 7, while in the former 
the chlorine has lost but 1 electron, making it + 1, we may 
expect the energy of separation of OH" to be roughly seven 
times as great in the latter. It is, therefore, correspondingly 
easier for H+ to be detached from the latter. 

Table II illustrates the change from basic to acidic char- 
acter dependent upon the sizes of the atoms and their 
charges. We see that similar energy values yield similar 
characteristics. This treatment is, of course, only approx- 
imate. Actually the energies are considerably different than 
calculated from purely coulombic forces due to the for m a - 
tion of electron pair bonds. However, this coulombic pic- 
ture is very useful. It cannot be applied to the transition 
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TABLE II 


R 

Values for — ; — ; for Oxide Ion (r = 1.40-10-s cm.) 

r + r' ' 

AND Certain Positive Ions 



Li+ 

Be+2 

B+3 


N+6 



Radius 
cm. X 108 
ee' 

r-hr' 

Hydroxide 

0.60 

1.0 

LiOH 

strong 

base 

0.31 

2.32 

Be(OH )2 

ampho- 

teric 

0.20 

3.74 

B(0H)3 

ampho- 

teric 

0.15 

5.16 

C0(0H)2 

weak 

acid 

0.11 

6.62 

NO 2 OH 

strong 

acid 




Na+ 

Mg+2 

Al+8 

Si-^4 

p+S 

S+6 

Cl+7 

Radius 
cm. X 108 
ee' 

r-hr' 

Hydroxide 

0.95 

0.86 

NaOH 

strong 

base 

0.65 
1.96 1 

Mg(OH)2 
weak 
base 1 

0.50 

3.16 

Al(OH)a 

ampho- 

teric 

0.41 

4.42 

SiO(OH)2 

weak 

acid 

0.34 

5.76 

PO 2 OH 

strong 

acid 

0.29 

7.10 

S02(OH)a 

strong 

acid 

0.26 

8.44 

ClOsOH 

strong 

acid 


elements, because of the high bond energies. Thus Pt(OH )2 
is less basic than Ni(OH) 2 . 

8. Analytical Properties. — Both oxygen and nitrous oxide 
will cause a glowing splinter to burst into flame, but oxygen 
may be distinguished from the latter by the production of 
dark brown fumes with nitric oxide. The gas is usually de- 
termined quantitatively in a mixture of gases by determin- 
ing the decrease in volume upon contact with various liq- 
uids or solids which absorb oxygen, such as, (1) a solution 
of cuprous chloride in hydrochloric acid, (2) alkaline solu- 
tion of pyrogallol, (3) phosphorus. A very delicate test for 
small quantities of oxygen is the deep red color produced 
by the action of oxygen upon an alkaline solution containing 
ferrous iron and pyrocatechol. 

9. Water. — ^Water plays such an important role in chem- 
istry that its physical constants are of especial significance. 
For a substance of low molecular weight, its melting point, 
0° C., and boiling point, 100° C., are extremely high, in- 
dicating high attractive forces between the molecules. The 
high dielectric constant, 81 at 18° C., shows that the mole- 
cules are highly polar, which would account for the large 
intermolecular attraction, since two dipoles would attract 
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each other. The unusual solvent action of water for salts 
is also to be correlated with its high dielectric constant, 
since the force of attraction between ions varies inversely 

as the dielectric constant of 


|ipi 



I 




the medium. Water is un- 
usual in possessing a point, 
4° C., of maximum density 
(Append. VIII). This may 
be connected with the fact 
that water is one of the few 
substances whose liquid 
form {d = 1.00 at 4° C.) 
is denser than the solid 
{d — 0.917). In ice the 
molecules are combined in 
a way that involves a looser 

Fig. 2. Anrangement of water mole- 

(cf. Fig. 2), and as the tem- 
perature of the liquid approaches 0°, there are doubtless 
formed an increasing proportion of these same molecules 
in the liquid. This change 

counteracts the increase in . . > 

density uniformly found s iigum y 

when only one molecular / 

species is present. Complete I e ^ 

vapor pressure tables for 2 0.007* \ / 

water and ice are given in |4 

Appendix X. The simple “■ 

phase diagram for “solid, 2 

liquid, vapor” is represented 

in Fig. 3. ^ Since the density .[g — Jg [ i 

of the solid is less than that Temperature, c° 

of the liquid, the melting Temperature-pressure dia- 

. , . j , , gram for ice, water, and vapor. 

point IS decreased by pres- 
sure. At high pressures ice exists in a number of allotropic 
modifications, and as several of these are denser than the 




Liquid 

/ 

Solid 


/ 

/ 

4.68 

0.00 

r\\ 

y 

/ 



y 
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liquid, they may be obtained under high pressure at tem- 
peratures above 0°, as shown in Fig. 4. 

The water molecule may be considered as a tetrahedral 
oxygen with hydrogens attached to two comers. However 
the angle is only 105° in 
the gas instead of the tetra- 
hedral angle, 109° 28'. 

Crystal structure data in- 
dicate that in the ordinary 
form of ice each oxygen 
atom is surrounded by four 
other oxygen atoms with a 
hydrogen atom located on 
the line joining the oxygens, 
thus forming a hydrogen 
bond between the oxygens. 

The heat of fusion is 80 
cal. per gram and the heat 
of vaporization, 540 cal. per gram. The lowering of the 
freezing point and the elevation of ^boiling point per mole 

of solute in 1,000 g. of water 
are 1.86° and 0.52° respec- 
tively. The lowering of the 
freezing point of water by 
common salt is important in 
refrigeration. The freezing 
point diagram is given in 
Fig. 3, Chapter IV. One of 
the lowest eutectics given 
with water is that of CaCh- 
•6H2O. A mixture of 7 parts 
of snow and 10 parts of 
CaCl2*6H20 gives a tem- 
perature of — 55° C. (cf. 
surface tension of water at 20° 
The compressibility at 20° is 
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Fig. 2, Chap. V). The 
is 72.5 dynes per cm. 
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43 X 10“® cc. per megabar. The specific heat of 1 g. of 
water at 15° is taken as unity in the definition of the 
calorie. The variation of its specific heat with temperature 
is as follows: 0°, 1.0088; 30°, 0.9988; 50°, 0.9996; 100°, 
1.0099. The heat of formation per mole of HaO at 25° is 

- 68,270 cal. The heat of ionization, HaO = H+ + OH~, 

— 13,200 cal. is of course the negative of the heat of neu- 
tralization of dilute solutions of strong acids and bases. The 
constant for a first ionization of water is 1.008 X 10““ at 
25° C. and the constant for the second ionization probably 
less than 10“®®. The decomposition voltage of water upon 
electrolysis is 1.23 volts plus an overvoltage depending 
upon the nature of the electrodes due to the slowness of the 
electrode reactions (cf. Append. I). The specific conductiv- 
ity of the purest water at 20° C. is about 1 X 10“^ reciprocal 
ohms. 

10. Water is easily purified from non-volatile substances 
by distillation; however, to prepare water free from volatile 
acids, bases, and organic material, elaborate precautions 
must be taken. This is usually done by first distilling from 
an alkaline solution of permanganate to remove organic 
material and volatile acids, especially carbonic, and then 
redistilling from non-volatile acid solution to remove volatile 
alkalies, especially ammonium. If the vapor is condensed in 
air it will contain dissolved gases, hence the distillation is 
carried out in vacuum. Due to the solubility of glass in 
water, the condenser is made of quartz, tin, or silver. The 
so-called “softening of hard water” is discussed under 
calcium (cf. V — 11). 

11. Hydrogen Peroxide. — ^The formation of peroxides as 
intermediate products in the direct oxidation by oxygen 
has been mentioned (Par. 4). These compounds may be 
considered as derivatives of hydrogen peroxide, H 2 O 2 . The 
oxidation state of the oxygen is — 1. In terms of molecular 
structure peroxides consist of oxygen linked to oxygen to 

form the group :0:0: . 

• « •• 
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The oxidation of certain metals by moist oxygen results 
in the formation of the oxide and hydrogen peroxide: e.g. 
Zn + O2 + H2O = ZnO + H2O2. The mechanism of this 
reaction may be the formation of zinc peroxide and its sub- 
sequent hydrolysis. Hydrogen peroxide is also formed by 
the action of ultraviolet light upon water: 2H2O = H2O2 
+ H2. High anodic potentials are capable of oxidizing the 
oxygen in many of its compounds to the peroxide state: 
for example, concentrated sulfuric acid is oxidized to per- 

O O 

oxydisulfuric acid HOSOOSOH. This acid may then be 

0 O 

hydrolyzed to form hydrogen peroxide and sulfuric acid. 
Some commercial hydrogen peroxide is prepared in this 
manner, but the greater portion is prepared by the action 
of cold sulfuric acid upon hydrated barium peroxide: 
Ba 02 + H2SO4 = BaS04 -f H2O2. The peroxide being less 
volatile than water may be concentrated by evaporation 
under reduced pressure. Another method of preparation 
involves the formation of hydrogen peroxide as the product 
of the oxidation of organic hydrazo-compounds by oxygen. 
The hydrogen peroxide is removed by distillation and the 
hydrazo-compound regenerated by reduction with sodium- 
amalgam. 

12 . Pure hydrogen peroxide is a faint blue syrupy liquid 
freezing at — 2 °. It has a vapor pressure of 47 mm. at 
80 “ C. Violent decomposition occurs if heated much above 
this temperature. The dielectric constant of the liquid is 
given as 93 , a value even higher than that of water. The 
water solutions are fairly stable if kept in a cool, dark place. 
Acetanilid is usually added to the commercial product to 
act as a preservative. 'I'he decomposition into water and 
oxygen, H2O2 = H2O + IO2, is catalyzed by many sub- 
stances, for example, silver, manganese dioxide, hydrogen 
bromide, and saliva. The decomposition is more rapid in 
alkaline solution. The usual 3 per cent commercial prepara- 
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tion is often called a “10 volume solution” since it will 
evolve about 10 times its volume of oxygen. 

Peroxide is a powerful oxidizing agent in both acid and 
alkaline solutions (Par. 14 ), the oxygen being reduced from 
an oxidation state of - 1 to — 2 . However, it is generally 
a slow oxidizing agent except with fairly powerful reducing 
agents. One of the most important reactions of hydrogen 
peroxide is the quantitative oxidation of iodide: 2 I~ + H2O2 
+ 2 H''' = I2 + 2H2O. It also acts as a reducing agent, the 
oxygen being oxidized from — 1 to 0 , but a fairly powerful 
oxidizing agent is required to bring about its oxidation in 
acid solution. As examples we have the quantitative reduc- 
tion of permanganate: 5H2O2 -h 2Mn04“ -t- = 2 Mn'''+ 

-f 5O2 + 8H2O, and the reduction of silver oxide: Ag20 
-j- H2O3 = 2 Ag -f- O2 H2O. 

Hydrogen peroxide is used as an antiseptic and as a 
bleaching agent for hair, silk, feathers, ivory, etc. 

Delicate qualitative tests for peroxide are the reactions 
with chromate or titanic sulfate in acid, forming highly 
colored peroxy-acids. The peroxychromic acid is a bright 
blue compound, soluble in ether, and the peroxytitanic 
acid is yellow. 

13 . Peroxy-acids. — There are a large number of acids 
containing peroxy-oxygen. These may be considered as 
derivatives of oxy-acids formed by the substitution of 
— OOH in place of OH~, for example 


OOH OOH 

CO^ CO'^ 

\ \ 

OH OOH 

raonoperoxycarbonic diperoxycarbonic 


OOH 

CHsC"^ 

\ 

0 

peroxyacetic 


The elements forming peroxy-acids are B, C, Ti, Ge, Sn, 
N, P, V, Cb, Ta, S, Cr, Se, Mo, W, and U. Many of these 
acids are discussed under the respective elements. The most 
important is probably peroxydisulfuric acid, H2S2O8. 
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14. Ozone. — The density of ozone corresponds to the 
molecular formula O 3 . The reaction, 3 O 2 = 2 O 3 , absorbs 
34.5 kcal. per mole, and the formation of ozone from oxygen 
is therefore favored by high temperature. The equilibrium 
mixture of the gas at 3,000° C. probably contains about one 
per cent of ozone. Sufficient energy to bring about the trans- 
formation may be supplied either by ultraviolet radiation 
or by a silent electrical discharge. The commercial ozonizers 
usually consist of aluminum plates, separated by insulators, 
and charged to a potential of about 10,000 volts. When 
oxygen is passed over the plates, a few per cent of ozone is 
formed. Ultraviolet radiation of about 260 iin (correspond- 
ing to 4.7 volts) is absorbed by oxygen molecules. These 
highly activated molecules then react to form ozone. The 
outer portion of the earth’s atmosphere must contain large 
concentrations of ozone formed in this manner by the sun’s 
radiation. The silent electrical discharge is the principal 
commercial means of forming ozone. This involves the 
action of electrons shot off from high-potential surfaces 
upon oxygen molecules. Ozone is also formed under power- 
ful oxidizing conditions, as in the action of fluorine upon 
water, and by the oxidation of water by a high anodic po- 
tential, as, for example, in the electrolysis of aqueous sul- 
furic acid using a very high current density. The ozone 
molecule appears to be V-shaped and not a triangular ring 
as previously postulated. 

Reference to the table of oxidation reduction potentials 
shows that ozone is itself a very powerful oxidizing agent, 
second only to fluorine. In the reduction in acid solution 
ordinarily one of the oxygens is reduced to water and the 
other two liberated as molecular oxygen. The gas is fairly 
stable toward decomposition into oxygen, and condenses 
to a blue liquid at — 112.4° C. The melting point is 
— 249.7°. It has a very pungent, characteristic odor, and 
unlike oxygen it is not magnetic. Ozone is more soluble in 
water than is oxygen, and is still more soluble in alkaline 
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solution. The solution contains perhydroxyl ion, O2 . 

O3 + 20H- = 2O2- + H2O 
The latter is unstable in acid solution. 

2HO2 = H2O2 + O2 , 

The potassium salt KO2 is formed by the combustion of 
potassium in air. 

Ozone is used in sterilization of water; bleaching of paper 
pulp, fabrics, and flour; the resinification of oils; and as a 
deodorant for air in crowded interiors. (Its bactericidal 
properties in this connection seem not to be very great.) 
Qualitatively it may be detected by its peculiar odor, by 
its action upon potassium iodide, and by the blackening of 
silver. 

18. Oxidation-reduction Potentials. — Important oxida- 
tion reduction potentials involving oxygen and its oxides 
have been summarized in Table III. Since the first step in 
the reduction of oxygen is generally the formation of the 
peroxide, this potential, equation (2) is an important factor 
in determining the action of oxygen. However the reverse 
reaction, that is the oxidation of water, does not involve the 
formation of peroxide as an intermediate step and depends 
upon equation (4). A tentative value is also given for the 
oxidation of water to free hydroxyl which may be formed as 
an unstable intermediate under some conditions. 

TABLE III 

OxiDATION-REDtJCnON POTENTIALS 


(1) 20H“ = iOs + HsO + 2e" — 0.401 

(2) HiOi “ Os + 2H'*’ -F 2e” — 0.68 

(3) 30H- = HOs- + HsO •+• 26- - 0.87 

(4) HsO «= 40s -f 2H+ -I- 2e- - 1.229 

(5) 2HsO = HsOs -t- 2H+ + 2e- - 1.77 

(6) Os + HsO •= 0, + 2H+ + 2e- -2.07 

(7) HsO = OH + H+ + 6- -2.2 
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The potentials for the reduction of O2 in steps are given in 
the following scheme. 

Acidic solutions: 

- 1.77 - 1.5 0.1 

H2O HjOa HO2 O2 

I - 0.68 I 


Basic solution: 

- 0.87 


- 0.4 


0.6 


Chapter IV 


GROUP I. ALKALI METALS 

1. The first group of the periodic system contains the 
elements lithium, sodium, potassium, rubidium, and cesium. 
They are called the alkali metals because their hydroxides 
are all soluble bases or alkalies. The most important com- 
mon characteristics of these elements are the single electron 
in the outermost energy level of their atoms, and the com- 
paratively low voltage required to detach this electron 
from the atom, as shown by the ionizing potentials given in 
Table I. 

Although the outer electron is easily removed, the under- 
lying ones can be removed only by very high potentials; 
hence ordinary chemical reactions involve the loss or trans- 
fer of only a single electron per atom, as illustrated by the 
equation: M = M"*" + e~. Accordingly these elements dis- 
play invariably an oxidation state of -f- 1 in their com- 
pounds. 

2. Atomic and Physical Properties. — Many of the phys- 
ical and chemical properties of these elements may be cor- 
related with the structures of their atoms. (Cf. Table I, 
also Prin. of CJiem., Chap. XVII.) Thus in the solid state 
the electrons are held so loosely that they can readily pass 
from association with one atom to another under the im- 
pulse of an electric potential ; hence these elements show in 
a high degree the conductivity and other properties charac- 
teristic of metals.- Moreover, since there are not enough 
outer electrons to serve to bind an atom firmly to all of its 
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neighbors in the solid state, we find these metals to be soft, 
and easily fusible. 


TABLE I 


Atomic and Physical Properties 


Element 

Lithium 

Sodium 

Potassium 

Rubidium 

Cesium 

Latin name 

Lithium 

Natrium 

Kalium 

Rubidium 

Cesium 

Symbol 

Li 

Na 

K 

Rb 

Cs 

Atomic weight 

6.94 

22,997 

39.096 

85.48 

132.91 

Atomic number 

3 

11 

19 

37 

55 

Melting point ° C. . . . 

179 

97.5 

63.5 

39.0 

28.4 

Boiling point ° C. . . . 

1372 

892 

774 

679 

690 

Density 20° C 

0.53 

0.97 

0.86 

1.53 

1.90 

Stable isotopes 

6, 7 

23 

39, (40). 41 

85, (87) 

133 

t /Neutrons... 
Nucleus 1 photons (+) 

3, 4 

12 

20, 21, 22 

48, 50 

78 

3, 3 

11 

19, 19, 19 

37, 37 

55 

Electrons in various 
quantum levels, 

1st 

2 

2 

2 

2 

2 

2nd 

1 

8 

8 

8 

8 

3rd 

— 

1 

8 

IS 

18 

4th 

— 

— 

1 

8 

18 

5th 

— 

— 

— 

1 

8 

6th 

— 

— 

— 

— 

1 

Ionizing potentials of 
gaseous atoms, volts . 

5.36 

5.12 

4.32 

4.16 

3.87 

Potential required to 
remove electrons 

from solid metal .... 

2.35 

2.12 




Potential between 

metal and normal 
aqueous soln. of ion; 
M «Maq+ + e”.... 

3.02 

2.71 

2.92 

2.99 

3.02 

Heat of hydration of 
gaseous ions, kcal . . . 

123 

97 

77 

70 

63 

Ionic radius in crystals, 
cm, X 10® 

0.60 

0.95 

1.33 

1.48 

1.69 


Another phenomenon connected with the easy loss of 
electrons by these metals is their solubility in liquid am- 
monia to give highly conducting solutions. The process of 
solution is accompanied by an ionization of the metal atom 
whose electron attaches itself to a molecule of ammonia; 
thus, M (solid) = M+ (in NH3) + e~ (ammoniated). The 
alkali metals all give solutions in ammonia of the same blue 
color, which is due to the solvated electron, the metal ion 
being colorless in all cases. The addition of MCI increases 
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the concentration of M"*" and diminishes the blue color in 
accordance with the mass law. The alkaline earth metals 
are soluble in liquid ammonia in this way to a smaller extent, 
and the nobler metals, which hold their electrons more 
firmly, do not dissolve at all in liquid ammonia. 

The metal vapors are somewhat associated into diatomic 
molecules at the boiling points of the liquids. The heats of 
dissociation of the Na 2 and K 2 molecules are 18,000 and 
12,000 cal. respectively. 

The nuclei of potassium, 40, and rubidium, 87, are not 
altogether stable, as shown by their slight radio-activity 

(cf. xxn— 16). 

3. Spectra. — Spectra of the alkali metals are easily ex- 
cited ; even the comparatively low temperature of a Bunsen 
flame suffices to disturb the outer, valence electron; more- 
over, since the single valence electron alone is disturbed, 
unless a high voltage spark is used, their spectra are compara- 
tively simple. The wave length (in mm. X 10“®) of the 
prominent lines in the flame spectra are as follows: lithium, 
670 red, 620 orange, fainter; sodium, 590 yellow; potassium, 
768 red, 404 violet; rubidium, 780 red, 420 blue, 358 violet; 
cesium, 457 blue, 388 violet. 

4. Chemical Properties. — Since the metals all give up 
their outer electrons so easily to other substances they are 
chemically very reactive. Thus, they all decompose water 
vigorously, the water taking up the electrons and giving 
hydroxide ion and hydrogen gas: M (solid) + H 2 O = IH 2 
d- M+ -f OH~. With potassium, rubidium, and cesium 
the amount of heat developed is so great that the metal 
takes fire almost instantly when thrown upon water. 

6. The ease with which an electron is removed from the 
metal increases regularly in going from lithium to cesium, 
as shown by the ionizing potentials ; hence we would expect 
that the ease with which the metal forms any one of its 
compounds would increase from lithium to cesium; and, 
conversely, the difficulty of reducing the metal from its 
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compounds would be greatest for cesium and least for 
lithium. This is in general the case, although the simple 
prediction is somewhat modified by the different sizes and 
attractions of the resulting ions. The ionizing potentials 
refer to the reaction: M(gas) = M'*‘(gas) + e~(gas), while 
the reaction between solid metal and water, previously 
given, involves in addition the hydration of the M"*". This 
sets free a large amount of energy, and just as the smallest 
ion, lithium, attracts an electron most strongly, so also it 
attracts water molecules most strongly, a fact which helps 
lithium metal to react with water to give it a high electrode 
potential in water solution, as shown in Table I, instead of 
the lowest as one would conclude from the ionizing poten- 
tials alone. 

This point may be clarified by the aid of the following 
scheme representing the formation of MCI by a series of 
steps, which give out or absorb energy, as the case may be. 

a b 

M (solid) M (gas) ^ M+ (gas) ^ 

+ MCI (gas) 4- MCI (solid) 

CU (gas) Cl (gas) Cl“ (gas) ~ 

+ 

We have marked each step -f in which the system would 
absorb heat, and each — in which the system would lose 
heat. If potassium were substituted for lithium, steps c 
and d would naturally remain the same; step a would be- 
come smaller (Table I) showing that potassium is more 
easily fused and vaporized; step b would have a smaller 
positive value (see Ionizing Potentials); but step e would 
also have a smaller negative value, the last two effects thus 
tending to offset each other. Although the heats evolved in 
formation per mole follow for most compounds the order 
expected from the ionizing potentials, and illustrated by the 
iodides, bromides, and chlorides in Table II, the fluorides 
show the reverse order on account of the small size of the 
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lithium and fluoride ions, allowing close approach and a 
large negative value for step e. 

TABLE II 


Heats Evolved in Formation of Alkali Halides, 
Kilogram Calories ter Mole 



Li 

Na 

K 

Rb 

Cs 

Iodides ... . 

71 

76 

85 

88 

90 

Bromides 

87 

90 

97 

99 

101 

Chlorides 

97 

99 

105 

105 

106 

Fluorides ’ 

145 

137 

135 

133 

132 


For the same reason, the compounds with other small 
atoms usually show the greatest stability with lithium rather 
than with cesium. Other examples include the hydrides, 
carbides, nitrides, and oxides. 

The smaller size and larger ionizing potential of lithium 
tends to ally it somewhat with the elements of Group II, 
particularly magnesium. This is in harmony with the cor- 
responding resemblance between beryllium and aluminum, 
boron, and silicon. This resemblance is illustrated by the 
low solubility of its carbonate and phosphate, as well as by 
the stability of the compounds mentioned in the preceding 
paragraph. 

6. The complete transfer of electrons by the alkali metals 
in the formation of their compounds is illustrated again by 
the crystal structure of their halides. All except those of 
cesium crystallize in a cubic lattice of the sodium chloride 
type (Append. V ; cf. also CsCl type) in which the sodium 
and chlorine atoms alternate, and each atom of one kind is 
surrounded by six atoms of the other, all equidistant from 
it. It is not possible to designate any sodium atom as be- 
longing to any particular chlorine atom. There are, there- 
fore, no molecules of NaCl present in the crystal. Now if 
each sodium atom retained its original electron it would be 
bound (by an electron pair) to a particular chlorine atom; 
the absence of such binding shown by the symmetry of the 
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crystal lattice is evidence that the electrons have passed 
over to the chlorine atoms, giving each an extra electron, 
making it chloride ion, Cl~, and leaving the sodium atom 
as sodium ion, Na"'". Indeed, we have only to melt the 
crystal, releasing these ions from their fixed positions, and 
the substance becomes an excellent electric conductor, quite 
unlike a substance such as sulfur, which is an insulator in 
the liquid as well as the solid form. The solution of an alkali 
halide in water merely substitutes the attraction of its ions 
for water for their attraction for each other. The energy of 
hydration is very high (Table I) and serves to overcome the 
large electrostatic force responsible for the cohesion of the 
crystal. 

The fact that lithium has the largest energy of hydration 
is noteworthy in connection with the high solubility of many 
of its salts. The salts of low solubility are those where there 
is an especially high attraction between the lithium ion and 
the negative ion in the crystal, as in the case of the fluoride. 

7. Occurrence. — From the average composition of igne- 
ous rocks, the percentage of the alkali metals present is es- 
timated as, sodium 2.85, potassium 2.60, lithium 4 X 10~®, 
and rubidium 10“® and cesium 10“’. Spectral lines of lithium 
and sodium are prominent in the sun. The spectra of the 
other alkalies are not found in the chromosphere of the sun 
doubtless because the temperature is sufficient to remove 
the outer electron completely. Potassium and rubidium 
can, however, be observed in the cooler portions. 

Sea water contains about 2.8 per cent of sodium chloride 
and 0.08 per cent of potassium chloride, and the evaporation 
of inland seas has resulted in enormous deposits of these 
salts. These deposits of chlorides, and also deposits of car- 
bonates, sulfates, and nitrates are discussed under the cor- 
responding salts. Most plants contain from 4 to 6 times 
as much combined potassium as sodium, a fact responsible 
for the use of potassium compounds as one of the important 
fertilizers. The ashes of sea weeds, however, contain more 
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TABLE III 


Summary of the More Important 

4 M + Os « 2M2O 
2 M “F O2 ~ M2O2 

M -f O 2 = MO 2 
6 M -f N 2 « 2 M 3 N 
2M + Xs - 2 MX 
2 M + S « M 2 S 
3M 4- P = M 3 P 

2M 4- 2 H 2 O = 2M+ + 20H- -f Ha 
2M + 2 C 2 H 5 OH « 2 C 2 H 5 OM + Ha 
2M -h 2 NH 3 (gas) = 2 NH 2 M 4- Ha 
3M 4 AICI3 = 3MC1 4 Al 
6U 4 BaOa « 3 M 2 O 4 2B 
2M 4 Ha - 2MH 
5M 4 MNO 3 «3M20 4iN2 


Reactions of the Alkali Metals 
Li only 

Li slightly, Rb and Cs 
spontaneously in dry air 
K. Rb, Cs 
Li only 
With halogens 
With Te also 
With As, Sb also 


At high temperature 
At high temperature 


sodium than potassium carbonate, with certain exceptions. 
The alkalies are found in varying amounts in nearly all 
silicates. The three commercially important lithium min- 
erals are: amblygonite, LiAlFP04; spodumene, LiAl (8103)2; 
and lepidolite, Li2[F, OH]2Al2(SiOs)2. The principal source 
of cesium is the mineral pollucite, H2Cs4Al4(Si03)9. Potas- 
sium feldspar, KAlSisOs, is a constituent of granite. 

8. Preparation and Uses of the Metals. — Lavoisier, in 
1793, predicted that the “alkalies” would prove to be 
metallic oxides. Sir Humphry Davy isolated sodium and 
potassium in 1807 by electrolysis of their hydroxides. This 
method is today the one used in the technical preparation of 
sodium. The metals may also be prepared by the reduction 
of the hydroxide or carbonate at moderately high tempera- 
tures, with iron, calcium, carbon, or other reducing agents. 
The reduction by less electropositive elements is accom- 
plished through the greater volatility of the alkali metals. 
The reduction with calcium furnishes probably the simplest 
laboratory method of preparing rubidium and cesium. 

Many attempts have been made to prepare sodium by the 
electrolysis of the fused chloride, but the mechanical diffi- 
culties arising from the corrosive action of the molten chlo- 
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ride and hot chlorine have been too great for successful 
operation. The Castner process, which is now in general 
use, employs the fused hydroxide at a temperature slightly 
above its melting point. Both hydrogen and alkali metal 
are liberated at the cathode. The liquid metal floats to the 
surface of the molten hydroxide, where it is protected from 
oxidation by the atmosphere of hydrogen which is main- 
tained, whence it is drawn off from time to time. A small 
amount of lithium is manufactured by the electrolysis of a 
fused mixture of lithium and potassium chloride. 

The only one of these metals to find any considerable com- 
mercial use is sodium. The most important of its uses are 
the manufacture of sodium peroxide and cyanide, lead 
tetraethyl, and in the preparation of organic chemicals and 
dyes where a powerful reducing agent is required. The man- 
ufacture of photoelectric cells consumes some cesium but 
the amount required per cell is small. 

9. Alloys. — ^Sodium amalgamates with mercury with al- 
most explosive violence. The amalgam is often used in 
place of the solid metal as a reducing agent. An alloy of 
24 per cent sodium and 76 per cent potassium is liquid down 
to — 12.6°. This is sometimes used to remove traces of 
water from gases. Lithium is more like the elements of the 
second and third groups (Par. 26) and therefore alloys with 
them more readily than do sodium or potassium. Its alloy 
with aluminum may achieve commercial importance on 
account of its very low density. A lithium lead alloy is used 
for cable sheath, and small amounts of lithium are some- 
times added to copper alloys as a “deoxidizer.” 

10. Hydrides. — Compounds of the type MH are formed 
by the direct action of hydrogen upon the heated metals. 
These compounds are salt-like in appearance and are of 
interest because of their analogy to the alkali halides. The 
electrolysis of the molten hydride results in the liberation 
of hydrogen at the anode, indicating that the hydrogen 
possesses a negative charge. Sodium and potassium hy- 
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dride react with carbon dioxide, forming sodium formate: 
NaH + CO 2 = HCOONa. 

11. Oxides. — ^The direct action of oxygen upon lithium 
produces the monoxide, LiaO, and a trace of lithium per- 
oxide, LiaOa; with sodium the peroxide, NaaOa, is produced; 
and with potassium, rubidium, and cesium the oxide, MO 2 
results. The monoxides cannot be prepared by dehydra- 
tion of the hydroxides, but may be formed by the action of 
the metal upon the nitrate, e.g. 5K + KNOs = 3 K 2 O 
-I- JNa. The oxides of the type, M 2 O 2 , are salts of hydro- 
gen peroxide, while the type MO 2 are derivatives of the 
unstable compound HO 2 (cf. HI — 14). The only oxide 
of commercial importance is NaaOa which is used exten- 
sively as a source of oxygen and hydrogen peroxide under 
the name of “oxone.” The peroxide hydrolyzes in water 
with the formation of H 2 O 2 . When a small amount of water 
is used upon an excess of sodium peroxide, the liberated 
hydrogen peroxide decomposes with evolution of oxygen. 
Sodium peroxide is made commercially by heating sodium in 
dry air free from carbon dioxide to a temperature somewhat 
above 300°. The principle of counter currents is employed. 

12 . Hydroxides. — The older methods of manufacture 
used the reaction between a dilute solution of the alkali 
carbonate and milk of lime. 2Na''’ -I- CO 3 -|- 

-f- 20H“ = CaCOs ■+• 2Na'*' -t- 20H“. Half of the hydrox- 
ide consumed in this country is produced by this process. 
The balance is manufactured by the electrolysis of a solu- 
tion of the alkali chloride, a process which results in the 
formation of the hydroxide and hydrogen at the cathode 
and chlorine at the anode. The cell reaction is: 2 H 2 O 
+ 2C1“ = 20H~ -f H 2 -h CI 2 . In carrying out this elec- 
trolysis the cell must be constructed so as to prevent the 
interaction of the hydroxide and the chlorine, which would 
give hypochlorite at low temperatures or chlorate at higher 
temperatures. This problem is not altogether easy since 
the hydroxide moves toward the anode under the electric 
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field and the chlorine is somewhat soluble in the brine. 
The Nelson cell used most extensively in the United States, 
has a carbon anode and perforated steel cathode. The 
brine percolates through the cell and out of the perforations 
in the cathode at such a rate that the hydroxide is swept 
back and prevented from reaching the anode. The liquid 
coming from the cell contains a mixture of the hydroxide 
and chloride. Upon evaporation the greater portion of the 
chloride is precipitated. 

The Castner-Kellner process takes advantage of the fact 
that sodium or potassium may be electrolyzed from a con- 
centrated brine solution with a mercury cathode to form a 
dilute amalgam, and this amalgam will react with water to 
form a dilute hydroxide solution. The cell employed is in- 

TABLE IV 

Production and Consumption of Sodium Compounds 
IN United States in 1938 


Production of Sodium Compounds 


Tons 

Chloride 9,000,000 

Carbonate 2,800,000 

Hydroxide 900,000 

Silicate 600,000 

. Sulfate 300,000 

Bicarbonate 1 40,000 

Borate 150,000 

Phosphate 125,000 

Chromate 45,000 

Thiosulfate 35,000 

Sulfide 30,000 

Sulfite 15,000 

Hypochlorite 12,000 

Nitrate 3,000 

Fluosilicate 5,000 

Fluoride 1,000 

Metal 10,000 

Acetate 3,000 

Benzoate 600 

Citrate 1 ,500 


Consumption of Sodium Carbonate 


Tons 

Glass 650,000 

Soap 220,000 

Chemicals 600,000 

Cleaning compounds 125,000 

Paper 90,000 

Water softening 40,000 

Petroleum 12 ,000 

Textiles 35,000 


Consumption of Sodium Hydroxide 


Tons 

Soap 100,000 

Chemicals 140,000 

Petroleum 95,000 

Rayon 170,000 

Lye 45,000 

Exports 100,000 

Textiles 40,000 

Rubber reclaiming 10,000 

Pulp and paper 40,000 

Vegetable oils 17 ,000 
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geniously constructed for the continuous operation of these 
reactions. The process gives a very pure product. 

Commercial sodium and potassium hydroxides may con- 
tain, in addition to large amounts of chloride, some car- 
bonate, sulfate, nitrate, phosphate, acetate, and peroxide, 
as well as small amounts of the other alkalies. The hydrox- 
ide, sold as “pure by alcohol,” has been dissolved in alcohol 
which separates out most of the impurities, but leaves a 
little chloride, carbonate, and acetate. A hydroxide free 
from the negative impurities may be made by treating a 
solution of purified alkali carbonate with silver carbonate 
and boiling the resulting solution with carefully purified 
lime in a silver dish. 

The consumption of sodium hydroxide in the more im- 
portant industries is given in Table IV. Potassium hydrox- 
ide is used less extensively than the sodium compound 
because of its greater cost. Its principal use is in the manu- 
facturing of soft soap, which owes its properties to the 
greater solubility of the potassium compound. 

13. Sodium Carbonates and Bicarbonates. — Sodium car- 
bonate is found in high concentration in the lakes of many 
arid regions. Mono Lake and Owen’s Lake in California 
contain millions of tons capable of rather cheap extraction. 

The ashes of certain sea plants were formerly the com- 
mon source of the salt, but it is now manufactured from 
sodium chloride. The Le Blanc process was the earliest 
(1791) method employed on a large scale for the conversion 
of chloride to carbonate, but the method is rapidly becom- 
ing obsolete. The steps in the process are : 

( 1 ) NaCl -f- H 2 SO 4 = NaHS 04 + HCl 

(2) NaHS 04 + NaCl = Na 2 S 04 + HCl 

(3) Na2S04 -h 2C = Na^S -h 2 CO 2 

(4) NasS -b CaCOs = Na^COs -f CaS 

Reaction (1) occurs readily upon gentle heating, but re- 
action (2) requires a much higher temperature. The third 
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and fourth steps are carried out in a rotary furnace at a 
temperature of 700-1,000°, the charge consisting of a mix- 
ture of the sodium sulfate with coal dust and limestone. 
The product, called “ black ash,” is extracted with water 
and impure carbonate, NaaCOs'HjO, obtained by crystal- 
lization. The sulfide residue is usually oxidized to free sulfur 
and thus made a profitable by-product. 

The Solvay or ammonia process has now largely super- 
seded the Le Blanc. It is based upon the reactions: 

( 1 ) Na+ +CI-+NH3 +H2O -bCOz = NaHCOs +NH4+ -f Cl- 

(2) 2NaHC03=Na2C03+H20-}-C02 

Reaction (1) depends upon the slight solubility of sodium 
bicarbonate in the solution at a temperature of 15° C. or 
below. The reaction is carried out by first saturating the 
brine with ammonia, and then with carbon dioxide. Fol- 
lowing this the solution is cooled and the bicarbonate re- 
moved by filtration. Reac- 
tion ( 2 ) takes place upon 
gentle ignition. 

The success of the proc- 
ess depends upon the re- 
covery of the ammonia by | 
the reaction: 2 NH 4 CI S 
+ Ca(OH )2 = 2 NH 3 I30 
• 4 " CaCl 2 "H 2 H 2 O. Lime- 
stone serves as the source 
of both the carbon dioxide 
and the lime: CaCOs = 

CaO -I- CO 2 . 

The phase relations of the 
various hydrates are indi- 
cated in Fig. 1. The an- 
hydrous salt is known commercially as soda-ash and the 
decahydrate as washing soda. As the salt of a weak acid, 
sodium carbonate is hydrolyzed in solution, liV Na 2 C 03 
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containing about O.OliV OH~; and many of its uses, such 
as washing, depend upon this property. As a salt of a weak 
acid, it is also used to neutralize strong acids and in the 
preparation of their sodium salts. The consumption of 
sodium carbonate by various industries is given in Table IV. 

Sodium bicarbonate, the common household baking soda, 
is obtained as a step in the Solvay process. With the excep- 
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tion of lithium, the alkali 
bicarbonates are all more 
insoluble than the carbon- 
ates. The conversion of 
bicarbonate to carbonate 
by heating becomes more 
difficult the higher the 
atomic weight of the alkali, 
as is indicated in the plot 
of decomposition pressures 
(Fig. 2). Advantage may 


Temperature 

Fig. 2. Decomposition pressures of 
alkali bicarbonates. 


be taken of the reversible 
reaction, C08“ + C 02 
4- H 2 O = 2 HC 03 ~, to con- 


vert carbonates into bicarbonates. When a bicarbonate 


solution is evaporated at 100° or above, sodium sesquicar- 
bonate, Na 3 (C 03 ) (HC 03 )" 2 H 20 separates. 

The bicarbonate is employed in baking, the use depend- 
ing upon the liberation of carbon dioxide with acid, as does 
also its use in certain types of fire extinguishers. The ease of 
purification of sodium bicarbonate by crystallization renders 
it a valuable standard in the titration of acids and bases. 
For this use it is fused to convert to the carbonate and to 
remove the last traces of water. This operation should be 
carried out in an atmosphere of CO 2 , since the decomposi- 
tion pressure of NazCOj is 2.2 mm. at 700° and 6.2 mm. at 
1 , 000 °. 


14. Potassium Carbonates. — For centuries potassium 
carbonate was extracted from wood ashes; hence its name, 
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potash. It may be made from the chloride by the Le Blanc 
process, but not by the Solvay process, since the bicarbon- 
ate is not sufficiently insoluble. However the conversion is 
generally carried out: (1) by the precipitation of KHCOj 
•MgC0*4H20 by passing CO 2 under pressure into a sus- 
pension of MgCOa in KCl solution and (2) the recovery 
of the potassium carbonate from the double salt by de- 
composition with hot water giving insoluble MgCOs and 
a solution of potassium carbonate, 2MgKH(C03)24H20 
= 2 MgC 03 -f K 2 CO 3 -f CO 2 + 9 H 2 O. Other sources are 
the mother liquors obtained in the manufacture of beet 
sugar, wine-lees, and water used in washing crude wool 
which contains potassium fatty acids. In each case the 
organic material is ignited to give the carbonate. 

Potassium carbonate crystallizes as the dihydrate. It is 
used in making soap and hard glass, and in the textile 
industries. 

Potassium bicarbonate is similar in chemical properties 
to the sodium salt but is about three times as soluble. 

16. Lithium, Rubidium, and Cesimn Carbonates. — Lith- 
ium carbonate is the most important commercial compound 
of that element, is used in medicine, in the preparation of 
other lithium compounds, in ceramics for producing high 
glazes, and in the glass industry for making special glasses 
with high fluidity when molten. Its solubility is sufficiently 
low so that it may be prepared by precipitation from a solu- 
tion containing lithium ion by the addition of sodium car- 
bonate. Lithium bicarbonate is soluble. 

The rubidium and cesium carbonates and bicarbonates 
resemble the potassium compounds. 

16. Fluorides. — ^The alkali fluorides do not occur free in 
nature to any large extent, although sodium aluminum 
fluoride, NasAlFe, cryolite, occurs in large deposits. The 
fluorides are usually prepared by the action of hydrofluoric 
acid upon the carbonate. With excess of the acid they tend 
to form acid fluorides such as MHF2 or even MH3F4 
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(cf. X — 10), These acid compounds are sometimes used as a 
method of preparing pure hydrogen fluoride, since they 
readily decompose with the evolution of the gas. Lithium 
fluoride is but slightly soluble. Sodium fluoride has some 
use as an insecticide and a wood preservative. It is also 
used in the preparation of complex fluorides. 

17. Chlorides. — ^Alkali chlorides are found in great de- 
posits resulting from the evaporation of inland lakes or 


seas. 

Sodium chloride. In many places great beds of almost 
pure sodium chloride have been located and from these 
salt is taken by ordinary mining operations. In regions re- 
moved from naturally occurring salt deposits, sodium chlo- 
ride is obtained from sea water or salt wells usually by solar 
evaporation in shallow ponds. Crude salt generally con- 
tains traces of calcium and magnesium chlorides which are 
objectionable because of their deliquescence. Pure sodium 
chloride may be precipitated from a concentrated brine 
upon addition of hydrogen chloride gas, due, in part, to the 
increase in concentration of chloride ion. The reaction qual- 
itatively is that predicted 
by the Mass Law. 

The solubility of sodium 
chloride changes but slightly 
with temperature, being 
26.3 per cent at 0° and 28.1 
per cent at 100°. Phase re- 
lations in the salt-water sys- 
tem are given in Fig. 3. The 
crystal structure has been 
discussed in Paragraph 6. 

The production of salt in 
the United States in 1938 
was about nine million tons. Of this three million tons were 
used in the preparation of the carbonate by the Solvay 
process. Other important industrial uses include refrigera- 



20 

Pef cent NaCl 

Fig. 3. The system sodium chloride 
and water. 
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tion; agriculture; household; metallurgy of silver, copper, 
and lead; tanning; preservative; ceramics; salting out of 
soap; preparation of hydrochloric acid and sodium sulfate 
by reaction with sulfuric acid; and the preparation of 
sodium hydroxide and chlorine by electrolysis. 

18 . Potassium Chloride. — For many years Germany en- 
joyed an almost complete monopoly of potassium salts 
through the possession of the extensive deposits of chloride 
at Stassfurt in Prussia. Since 1930 there has occurred a 
rapid development of the potash deposits in the United 
States. These have been principally the deep lying saline 
deposits in New Mexico and the natural brines of Searles 
Lake in California. About a half million tons of potassium 
salts, chiefly chloride, were produced from these sources in 
1938. This constituted somewhat more than half of the 
American consumption. 

The major portion of the potassium chloride of the Stass- 
furt deposits is in the form of double salts of magnesium 
and calcium chloride, sulfate, and borate. The most im- 
portant of these is carnallite, MgCL'KChdHjO, and to a 
lesser extent kainite, MgS 04 ’KCl’ 3 H 20 . Potassium chlo- 
ride is extracted by dissolving carnallite in hot magnesium 
chloride solution; cooling this solution precipitates the 
greater part of the potassium chloride. The yearly produc- 
tion of potassium chloride at Stassfurt is in excess of 
1,500,000 tons. The dust from blast furnaces manufactur- 
ing pig iron, and the dust from cement kilns, has been 
shown to contain potassium chloride and also sulfate in 
recoverable amounts. It is estimated that the United States 
could produce several hundred thousands of tons yearly 
from this source. The most important uses of the potassium 
chloride are as fertilizer (about 90 per cent) and in the pro- 
duction of potassium hydroxide and other potassium com- 
pounds. 

19 . Lithium, Rubidium, and Cesium Chlorides. — Lithium 
chloride is the most soluble of the group. It forms mono-, 
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di-, and tri-hydrates, and in many respects resembles mag- 
nesium chloride. 

One of the most important sources of rubidium and ce- 
sium chlorides is the mother liquor remaining after the ex- 
traction of the potassium chloride from carnallite. These 
elements are usually separated from the liquid by conver- 
sion into the relatively insoluble alums through the addi- 
tion of aluminum sulfate. 

20. Bromides and Iodides. — Bromides and iodides occur 
in sea water and in the various salt deposits. They are not 
recovered as such, but the halogens are liberated as the free 
elements, and the salts prepared from the elements by 
methods discussed under the halogens. Sodium and potas- 
sium bromides are used in medicine as sedatives, and in 
photography for precipitating silver bromide and as re- 
tardants in developers. The alkali iodides find limited 
application in photography, and in medicine to supply 
iodine to the thyroid gland, and sometimes in tincture of 
iodine, to increase the amount of iodine that can be dis- 
solved. 

21. Cyanides. — Sodium cyanide is made on a large scale 
from sodium amide (Table III) by reduction with carborr- 
at red heat: NaNH 2 -f- C = NaCN -h H 2 . A mixture of 
sodium and potassium cyanides may be prepared by the re- 
duction of potassium ferrocyanide with sodium: K 4 Fe(CN )6 
+ 2Na = 4KCN + 2NaCN -1- Fe. Potassium cyanide is 
also manufactured by the action of ammonia upon a mix- 
ture of potassium carbonate and carbon at a high tempera- 
ture: K 2 CO 3 ■+■ 2 NH 3 -h 4C = 2 KCN + 3CO - 1 - 3 H 2 . The 
alkali cyanides are very soluble in water, and the solution is 
quite alkaline due to the hydrolysis of the cyanide. The 
uses of these compounds in gold mining and electroplating 
depend upon the formation of complex cyanides with gold, 
silver, and platinum. The sodium salt is now generally used 
due to the fact that it is cheaper and gives a higher weight 
of cyanide per pound of salt. Like all substances giving 
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cyanide ion or hydrogen cyanide in solution, these salts are 
very poisonous. 

22. Sulfates. — The alkali sulfates and double sulfates 
with calcium and magnesium are found in the various salt 
lakes and salt deposits. Double sulfate of sodium and potas- 
sium, as KNaS 04 , and various types of sodium and potas- 
sium alums are of frequent occurrence in volcanic lava. 
Sodium sulfate, called salt cake, is a product of the manu- 
facture of hydrochloric acid from sodium chloride. Some 
potassium sulfate is extracted from the Stassfurt deposits. 

Sodium sulfate is used in medicine as a cathartic and in 
the manufacture of cheap glass to furnish the sodium. 
Its principal use (over 200,000 tons annually) is in the 
“sulfate” process for the manufacture of wood pulp. It 
can be crystallized as Na 2 SO 4 T 0 H 2 O, Glauber’s salt, below 
32.384°, and as the anhydrous sulfate above that tempera- 
ture. The transition point serves as a convenient “fixed 
point” in the standardization of thermometers. The solu- 
bility of the decahydrate increases rapidly with temperature 
and the solutions formed at the higher temperatures may 
be readily cooled in the supersaturated state. If a particle 
of this solid hydrate is then added, crystallization takes 
place and the whole solution appears to solidify. An un- 
stable heptahydrate may be crystallized out below 24° C. 
Potassium sulfate is used in the preparation of potassium 
alum and also as fertilizer, being preferred to the chloride 
for this purpose with certain crops, especially tobacco. 

23. Nitrates. — Alkali nitrates are formed in nature 
through the decomposition of organic material. Due to the 
solubility of these salts, deposits are found only in the rain- 
less regions of the earth. By far the most important occurs 
in Chile, and is composed chiefly of sodium nitrate. Com- 
mercial “Chile saltpetre,” consisting of 95 to 98 per cent 
sodium nitrate, is made by extracting the crude nitre rock 
with water. Chile saltpetre was formerly almost the only 
source of the nitric acid and nitrate-fertilizer, but now has 
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been largely replaced by the various processes for the fixa- 
tion of atmospheric nitrogen (cf . XII — 32) . 

The uses of the alkali nitrates which depend upon the 
oxidizing power of nitrate are discussed under the chemistry 
of nitrogen. Potassium nitrate absorbs water less readily 
than sodium nitrate, and for this reason was formerly used 
more extensively than the sodium salt in gunpowder. Po- 
tassium nitrate is prepared from the sodium by double de- 
composition with potassium chloride, taking advantage of 
the fact that the solubilities of potassium chloride, potas- 
sium nitrate, and sodium nitrate increase rapidly with tem- 
perature, while that of sodium chloride is hardly affected. 
The sodium nitrate is dissolved in hot water and concen- 
trated potassium chloride solution is added, whereupon 
most of the sodium is precipitated as chloride. The solu- 
tion is then evaporated, more sodium chloride first separat- 
ing, followed by potassium nitrate. 

The crystal structure of sodium nitrate is similar to the 
simple cubic arrangement of sodium chloride (Par. 6), the 
nitrate group as a whole occupying the positions corre- 
sponding to the chloride ion. The alkali nitrates differ from 
the nitrates of most of the other metals in that upon heating 
they first decompose into nitrite and oxygen. Upon further 
heating nitrogen and oxygen are evolved and the oxide and 
peroxide formed. A mixture of 45 per cent sodium and 55 
per cent potassium nitrates melts at 220° and is a conven- 
ient high temperature liquid bath. 

24. Other Salts of the Alkali Metals. — Compounds of the 
alkali metals with sulfide, thiosulfate, chlorate, perchlo- 
rate, phosphate, borate, and silicate are of importance, but 
since their properties and uses depend so largely upon the 
chemistry of negative ions, they are discussed in the chap- 
ters dealing with those ions. 

26. Chemical and Analytical Properties of Ions. — The 
outstanding characteristic of the alkali ions is the slight 
tendency to form insoluble salts or complex ions. As already 
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mentioned, lithium resembles the alkaline earth metals in 
many respects. Thus lithium fluoride, carbonate, and phos- 
phate are moderately insoluble and the bicarbonate more 
soluble than the carbonate, like the alkaline earth metals, 
and unlike the rest of the alkalies. Lithium ion is slightly 
hydrolyzed. The chloroplatinates, acid tartrates, and alums 
of lithium and sodium are soluble, while the corresponding 
salts of potassium, rubidium, and cesium are relatively in- 
soluble. Potassium forms with sodium cobaltinitrite in 
dilute acid the precipitate, K 2 NaCo(N 02 ) 6 . It is the least 
soluble of the potassium compounds, but this does not serve 
to distinguish potassium from rubidium, cesium, or am- 
monium, which form corresponding compounds. Potassium 
picrate, C6H2(N02)30K, potassium perchlorate, KCIO4, and 
sodium and potassium fluosilicates, Na2SiF6, K2SiF6, are 
also but slightly soluble. Sodium antimonate, NaSb(OH) 6 , 
is the least soluble of the sodium salts. Sodium may be pre- 
cipitated from solutions containing potassium by use of the 
uranyl zinc acetate reagent. The formula of the precipitate 
is NaZn(U 02 ) 3 Ac 9 - 6 H 20 . For quantitative determinations 
the conditions for the precipitation must be carefully con- 
trolled. 

Potassium ion appears to be more readily absorbed than 
sodium ion, and this in part accounts for the much smaller 
quantity of potassium salts in sea water, although another 
factor may be its more ready precipitation as an iron silicate, 
KFeSi206. 

In the quantitative analysis of the alkalies, they are 
usually converted to the chlorides and the mixture weighed. 
The lithium chloride may be extracted by dissolving in 
amyl alcohol. Potassium, rubidium, and cesium are con- 
verted to the chloroplatinates, and the sodium obtained by 
difference. Although rubidium and cesium are rarely present 
in quantity they may be separated from potassium by tak- 
ing advantage of difference in solubility of the acid tartrates. 

In addition to the use of the spectroscope in the identifica- 
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tion of the alkalies, advantage is taken of the color imparted 
to the Bunsen flame by the presence of volatile compounds 
of these elements. Lithium colors the flame red, sodium 
yellow, potassium violet, rubidium bluish red, and cesium 
blue. The sodium flame test is of extraordinary delicacy, 
being capable of detecting 10~“ grams of sodium. Since 
this quantity of sodium is present in practically every sub- 
stance, it is necessary in making a flame test for sodium to 
judge the amount of sodium present largely by the length 
of time that the intense yellow color persists in comparison 
to pure sodium chloride as a standard. The potassium flame 
test is about five thousand times less sensitive than the 
sodium test. In the presence of any considerable amount of 
sodium it is necessary to use a thick blue glass to cut out 
the yellow sodium light in order to detect the potassium. 




Chapter V 


GROUP II. ALKALINE EARTH METALS 

1. On the basis of their atomic structure the elements 
with two valence electrons may be divided into a main 
group consisting of beryllium (formerly often called glucin- 
ium from the sweet taste of some of its compounds), mag- 
nesium, calcium, strontium, barium, and radium, and a 
subgroup, zinc, cadmium, and mercury. As a common 
characteristic the main group elements have kernels with 
the same number and arrangement of electrons as the pre- 
ceding noble gas, while the subgroup elements have kernels 
with eighteen electrons in the outer shell. Beryllium and 
magnesium are smaller and much less basic than the rest 
of the main group, and before the fundamental differences 
in atomic structure were recognized, they were frequently 
classified with the subgroup elements. The remaining ele- 
ments of the main group have hydroxides with distinctly 
alkaline properties and have long been known as the alka- 
line earth elements, and we shall use the term as applying 
to all of the main group. 

2. Physical Properties of Metals. — ^The elements in the 
free state are highly metallic. They have grey white luster 
when freshly cut, but readily tarnish, especially the heavier 
members of the group. Although somewhat brittle, they 
may be hammered and rolled. Beryllium is hard enough to 
scratch glass, while barium is but slightly harder than lead. 
The metals are good electrical conductors; the specific con- 
ductivity of calcium is about 45 per cent that of silver. 
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Their melting points (Table I) are much higher than those 
of the alkali metals. 


TABLE I 

Atomic and Physical Properties of Alkaline Earth Elements 



Be 

Mg 

Ca 

Sr 

Ba 

Ra 

Atomic number 

4 

12 

20 

38 

56 

88 

Atomic weight 

9.02 

24,32 

40.8 

87.63 

137.36 

226.05 

Isotopes 

9,(8) 

24, 25. 

40, 44, 

88. 86, 

138, 136, 

224, 226 



26 

42, 43, 

84, 87, 

134, 137, 





46, 48 

90 

135, 132 


Electrons in various quan- 







turn levels, 1st 

2 

2 

2 

2 

2 

2 

2d 

2 

8 

8 

8 

8 

8 

3d 


2 

8 

18 

18 

IS 

4th ... . 



2 

8 

18 

32 

Sth .. . 




2 

8 

18 

6th 





2 

S 

7th . ... 






2 

Ionic radius X 10* cm. . . . 

0.31 

0.65 

0.99 

1.13 

1.35 


Ionization potential of gase- 







ous atom, volts, 







1st electron 

9.28 

7.61 

6.09 

5.67 

5.19 

5 

2d electron 

18.1 

14.96 

11.82 

10.98 

9.95 


Potential between metal and 







molal solution of ion, 







M » + 2f" in volts . 

+ 1.70 

-i-2.34 

+ 2.87 

+ 2.89 

+ 2.90 


Heat of hydration of gaseous 







ions, kcal approx. . 


460 

395 

355 

305 


Melting point ® C 

1300 i 

650 

851 

757 

850 

(960) 

Boiling point ® C 

(1500) 1 

1107 

1487 

1384 

1640 

(1140) 

Density of metal 

1.73 

1.75 

l.SS 

2.6 

3.75 

6.0 


3. Chemical Properties. — In all of their compounds the 
elements are present in the + 2 oxidation state, i.e. both 
of the two outer electrons are always lost when the elements 
enter into chemical reactions. It will be observed (Table I) 
that the oxidation potential of the heavier members of the 
group is as great as that of the alkali metals. Thus barium 
readily reacts with water, losing its electrons to the hydrogen 
of the water and forming barium ion and molecular hydro- 
gen: Ba + 2 H 2 O = Ba++ -f- 20H~ -|- Ha. The mechanism 
of the reaction involves taking the two electrons away from 
the barium and this, as given in Table I, requires about five 
volts for the first electron and ten for the second. These 
values of the ionization potentials are higher for the a l kal ine 
earth metals than for the alkali metals, and the reason that 
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barium is so readily oxidized to form the ion is to be found 
in the large heat of hydration of the barium ion. However, 
the rate of reaction of the second group elements with water 
is much slower than that of the alkali metals, even in the 
case of the more electropositive members; and magnesium 
and beryllium are scarcely attacked by water alone at 
ordinary temperatures. The metals burn brilliantly when 
heated in air or oxygen, forming the monoxide, except in the 
case of barium, which forms the peroxide. A certain amount 
of the nitride is also formed when burned in air, especially 
with magnesium, calcium, and radium. Because of their 
highly electropositive character the metals burn readily 
when ignited in carbon dioxide, forming the metal oxide 
and carbon. At low temperatures the metal surfaces are 
protected from rapid oxidation by oxide films; this is par- 
ticularly true of beryllium and magnesium. Beryllium does 
not dissolve with appreciable speed in water even when 
boiled. Magnesium evolves hydrogen very slowly with cold 
water, while with calcium a slow stream of bubbles is ob- 
served. The metals all dissolve rapidly in acids. Beryllium 
dissolves in the alkali hydroxides in a manner similar to 
aluminum: Be 4 - OH" -f H2O = HBeOz" -f H2. Due to 


Reactions of Group II Metals 


2M -I- Oa = 2M0 
M -f- 2HaO = M(OH)a -I- Ha 
M + Ha =■ MHa 

M -I- 2H+ = M++ -1- Ha 
4M + 10H+ + NO 3 - = 4M++ 

M -I- Xa = MXa 
3M -1- Na = MsNa 
3M -I- 2 NH 3 = MaNa -I- 3Hi 
M 4- S = MS 
M 4- 2C = MCa 

3M 4- 2P = MsPa 
2M 4- COa = 2MO 4- C 


Ba also forms Ba02 
Very slow with Be and Mg 
With Ca, Sr, and Ba at 
high temperature 

With dilute acid: H 2 also 
evolved 

X 2 = any halogen 
High temperature 
Heated 

Also with Se and Te 
Especially with Ca, Sr, 
High temperature 
Heated 
Burn in CO 2 


TABLE 11 


NH4+ + 
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their action as strong reducing agents the metals are oxi- 
dized by many of the negative elements. A summary of 
the more important types of reactions is given in Table II. 

4. Occurrence. — None of the elements of the group exists 
free in nature. The estimated percentages of the elements in 
igneous rocks are: calcium, 3.63; magnesium, 2.09; barium, 
0.05; strontium, 1.9 X 10“^; beryllium, 1 X 10“®; and 
radium, 10“^*. Beryllium compounds do not occur in large 
deposits but small quantities are found in many minerals 
and granitic rocks, usually as complex silicates and alumi- 
nates. The most important mineral is beryl, 3Be0'Al203 
•6Si02. Colored dark green with chromium it is known as 
emerald. A blue-green form is aquamarine. Masses of beryl 
weighing more than a ton have been found in New Hamp- 
shire. The elements are found in combination with prac- 
tically all of the acid oxides. A few of the more important 
minerals are: magnesite, MgCOs; talc or soapstone, 
H2Mg3(Si03)4; asbestos, CaMg3(Si03)4; dolomite, MgC03 
•CaCOs; spinel, Mg(A102)2; camallite, MgCl2*KCI*6H20 ; 
limestone, CaC03; gypsum, CaS04*2H20; fluorspar, CaF2; 
apatite, Ca5(P04)sX, (X = Cl or F); strontianite, SrCOs; 
barites, BaS04. Magnesium and calcium chlorides and sul- 
fates are present in sea water, the former in somewhat larger 
concentrations. Both elements are found as integral parts 
of animal and vegetable matter, although calcium is more 
prevalent than magnesium. 

Radium is widely distributed in almost all rocks but in 
extremely small quantities. Primary uranium minerals con- 
tain about 3.4 X 10“^ grams of radium per gram of uranium 

(cf. xxn). 

6. Metals: Preparation and Uses. — ^The metals are gen- 
erally prepared by the electrolysis of their molten chlorides 
or fluorides to which alkali halides have been added to de- 
crease the melting point. The common commercial electro- 
lyte for magnesium is 70 per cent magnesium chloride and 
30 per cent sodium chloride. The oxides or hydroxides can- 
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not be used because of their high melting points, although 
magnesium may be manufactured by the electrolysis of a 
molten solution of the oxide in fluoride similar to the process 
for aluminum (cf. VI — 14). Calcium is prepared by the 
electrolysis of a mixture of the chloride and fluoride in a 
graphite crucible, which acts as the anode. The cathode is 
an iron rod just dipping into the molten salts. The liberated 
calcium adheres to the rod which is slowly raised, thus form- 
ing a long “stalk” of calcium. The metals are difficult to 
prepare by reduction with chemical agents; however, beryl- 
lium and magnesium chlorides may be reduced by sodium 
or potassium at high temperatures, and barium oxide is 
reduced by silicon at 1,200°. In a new commercial process 
for the manufacture of magnesium, a mixture of magnesium 
oxide and coal dust is heated to 2,300° C. in an electric 
furnace. At that temperature magnesium vapor may be 
distilled off. 

Magnesium metal has considerable commercial impor- 
tance. It is employed in signal flares and in photographic 
flash lights, usually in the form of powder; the latter use 
depends upon the high proportion of ultraviolet light in the 
flame formed by the combustion of the metal. It is also 
made into ribbon, the major part of which is now used in 
the degasification of radio tubes. Its importance in this 
connection is due to the absorption by the heated metal, 
not only of oxygen, but also of nitrogen through the forma- 
tion of the nitride, MgsNz. It is employed as a deoxidizer in 
casting bronze, nickel-silver, and monel metal. A small per 
cent of magnesium added to aluminum greatly increases the 
ease of machining of the latter. The composition of a num- 
ber of magnesium alloys which are trade-marked, Dow- 
metal, A. M. Alloys, and Bohnalite X, is given in Table III. 

Because of their low density (1.8) and high tensile 
strength these alloys are now widely used in the construc- 
tion of airplanes, portable tools, and other machinery where 
light weight is important. The alloys are frequently treated 
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TABLE III 

Composition of Magnesium Alloys 


Use 

Mg, 91.8; Al, 2.0; Mn, 0.2; Cd, 2.0; Cu, 4 Mold 

Mg, 89.1; Al, 4.0; Zn, 0.4; Si, 0.5; Sn. 6.0 Wrought 

Mg, 92; Al, 7.0; Zn, 0.7S; Mn, 0.2 Sheet 

Mg, 88.2; Zn, 4.5; Mn, 0.8; Si, 0.5 ; Sn. 6.0 Press forged 

Mg, 9; Al, 91 Mold 


with chromic or selenious acid solutions to give their sur- 
faces a corrosion resistant film. 

Calcium metal is used as a deoxidizer in the manufacture 
of many alloys and special steels. It is volatile at the tem- 
perature of molten steel and leaves no metallic residue. 
Some calcium silicide is used instead of the metal in certain 
steels. Although pure beryllium is brittle and has no indus- 
trial application, its alloys are rapidly becoming useful com- 
modities. A 2.25 per cent beryllium alloy with copper is a 
remarkable spring material. A beryllium-cobalt-copper 
alloy combines high electrical conductivity with great hard- 
ness. Nickel with 1.8 per cent beryllium can be heat-treated 
to give values of tensile strengths as high as 260,000 pounds 
per sq. in. The addition of 0.5 per cent beryllium hardens 
gold and is said to increase the resistance of silver to tarnish. 
At present the high price of the metal prohibits its applica- 
tion in ferrous alloys. 

Radium amalgam is formed upon the electrolysis of 
radium chloride solution using a mercury cathode. The 
mercury may be driven off by heating to leave the radium. 
The metal is said to blacken quickly due to the formation 
of the nitride. 


Compounds 

6. Oxides. — The monoxides are difficultly fusible (Table 
IV) and extremely stable, remaining undecomposed at 
temperatures of 3,000° C. Their heats of hydration increase 
in order of the atomic weights. 
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TABLE IV 
Oxides of Group II 



BeO 

MgO 

CaO 

SrO 

BaO 

Common name 

beryllia 

. 

1 magnesia 

lime 

strontia 

baryta 

Melting point ° C 

2,450 

2,642 

2,705 

2,700 

2,000 

Heat of formation 






kcal. per mole 

135.9 

143.9 

151.9 

141.2 

133,4 

Heat of hydration 






MO -t- H 2 O = M(0H)2. . . 


5.4 

15.1 

17.7 

22.3 

Solubility moles/liter 






ofM(OH)aat20° C 

5 X 10-9 

3 X 10-4 

0.022 

0.065 

0.22 

Decomposition temp. ® C. , 






M(0H)2 = mo + H 2 O 






(gas 1 at.) 



547 

778 

998 


Beryllium oxide is as hai'd as corundum but the heavier 
oxides are soft. Beryllium oxide does not react with water. 
Magnesium oxide, if not ignited too strongly, reacts very 
slowly, while the rest of the group react rapidly. With lime 
the hydration reaction is called “slaking.” The reaction 
starts slowly, but the heat evolved soon raises the tempera- 
ture to a point where the reaction proceeds rapidly. The 
heat of slaking is sufficient, under some conditions, to cause 
the ignition of wood or other combustible material; hence 
the accidental slaking of stored lime often results in destruc- 
tive fires. 

The solid oxides crystallize in the sodium chloride type 
of ion lattice, with the exception of beryllium oxide, which 
is similar to zinc oxide (Append. V). The oxides are ex- 
tremely poor conductors of heat. 

The oxides of all except beryllium are generally prepared 
by the decomposition of the carbonates. The ease of de- 
composition decreases with increasing atomic weight, that 
is with increasing basicity of the metal oxide. The manu- 
facture of lime is carried out in tall chimney-like furnaces 
known as lime kilns. The process is continuous; limestone 
is fed into the top, is heated and decomposed by a draft of 
hot gas, and the lime is removed at the bottom of the kiln. 
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The reaction is carried out at as low a temperature as pos- 
sible to prevent the fusion of silicates present in the lime- 
stone which would render the lime inactive. In order to 
keep the temperature low the partial pressure of the carbon 
dioxide must also be kept low. In Fig. 1 are given the pres- 
sures of carbon dioxide in equilibrium with the oxide and 
carbonate at various temperatures. If calcium carbonate is 
heated in a retort under atmospheric pressure it requires a 
temperature of 910° C. to bring about decomposition; how- 
ever, in the operation of the 
lime kiln the blast of hot 
gases through the furnace 
keeps the partial pressure 
of the carbon dioxide at a 
low figure and permits the 
reaction to go to comple- 
tion at temperatures much 
below 910°. In the case of 
barium carbonate, the de- 
composition temperature is 
so high that carbon is mixed 
with the charge further to lower the partial pressure of the 
carbon dioxide: C -f CO 2 = 2CO. Barium oxide is some- 
times prepared from the nitrate, since it decomposes at 
much lower temperatures. 

Magnesia in the form of bricks is used for lining furnaces 
and other refractory purposes. Mixed with asbestos it is 
employed as heat insulation for hot water and steam pipes. 
Other uses include: the manufacture of Sorel cement 
(Par. 9) ; absorbent in the manufacture of dynamite ; vulcan- 
ization of rubber; adulterant of paint. Large quantities of 
mixed magnesium and calcium oxides are used for some 
purposes in place of pure magnesia, the mixture being pro- 
duced by the calcination of dolomite. 

The production of lime in the United States in 1937 was 
4,000,000 tons. This was consumed chiefly (1) in making 
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Fig. 1. Decomposition pressures of 
calcium and barium carbonates. 
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the hydroxide {vide infra), used in plaster by the building 
industry, (2) in agriculture for soil treatment, and (3) in the 
chemical industries. Heated in the oxy-hydrogen flame, 
lime gives out an intense light, hence its former use in the 
“lime light.” Calcium oxide is often employed as a de- 
hydrating agent, for example, in the preparation of absolute 
alcohol and the drying of ammonia gas. A mixture of sodium 
hydroxide and calcium oxide, “soda-lime,” is often em- 
ployed to remove both water and carbon dioxide from gases. 
Lime containing more than 5 per cent magnesium oxide 
does not slake readily and is called “lean.” 

Barium oxide is the only one of the group which may be 
converted into the peroxide, Ba 02 , upon heating in air, 
although with the exception of beryllium the peroxides 
may all be prepared by the action of hydrogen peroxide 
upon the metal ion. Barium peroxide is mentioned in 
connection with the preparation of oxygen and hydro- 
gen peroxide. With water it readily forms the hydrate, 
Ba02"8H20. 

7. Hydroxides. — ^The formation of the hydroxides from 
oxides has been discussed above. The alkaline reaction of 
the hydroxides is limited by their solubilities (Table IV) ; 
however, the hydroxides of calcium and the heavier mem- 
bers of the group may be classed as strong bases. Their 
salts with strong acids are very slightly hydrolyzed. Barium 
hydroxide is the only one which is stable enough to be 
heated to fusion. 

Beryllium hydroxide is amphoteric (Hildebrand, Prin. 
of Chem., p. 182), a fact which is not surprising in view of the 
very small size of Be"*^ (cf. HI — 7). The freshly precipitated 
hydroxide is said to have the formula Be 20 ( 0 H )2 and is 
metastable with respect to the form Be(0H)2. It dissolves 
in hydrogen ion to form Be"*^ but this ion hydrolizes at 
low acid tp form Be 20 ''"*'. 


2Be++ + H 2 O = Be20++ -b 2H+ 


66 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. V 


The hydroxide is soluble in hydroxide ion to form BeO or 
BejOa (beryllate or deberyllate). 

Some magnesium hydroxide is prepared by the action of 
steam upon magnesium chloride: MgCU + H2O = MgO 
+ 2HC1. The hydroxide is precipitated from a solution of 
magnesium ion upon the addition of a strong base. It be- 
longs to the class of sparingly soluble bases which are sol- 
uble in excess of ammonium ion: Mg(OH)2 -t- 2NH4+ = 
Mg++ + 2NH4OH. 

Because of its low cost of production, calcium hydroxide 
is used commercially in many processes requiring hydroxide 
ion. A suspension of the solid in its saturated solution (milk 
of lime) is often employed. Among the more important uses 
are : the preparation of mortar, bleaching powder, ammonia, 
alkali hydroxide; purification of sugar and illuminating gas; 
removal of hair from hides; softening of water (Par. 11). 
The most extensive use is that in mortar. This is made by 
mixing slaked lime, one volume, with sand, three or four 
volumes, and water to make a thick paste. The mortar 
gradually hardens due, first, to the evaporation of water 
and the cementing action of the deposited hydroxide, and 
second, to the absorption of carbon dioxide from the air: 
Ca(OH)2 -f CO2 = CaCOs + H2O. There follows a very 
slow formation of calcium silicate. The setting is accom- 
panied by a decrease in volume but the presence of the large 
amount of sand prevents a large total shrinkage and renders 
the product porous. 

Strontium hydroxide is made by heating the carbonate in 
steam: SrCOs + H2O = Sr(OH)2 -f CO2. This reaction 
takes place at a lower temperature than the reaction: 
SrCOs = SrO -f- CO2, due in part to the lowering of the 
partial pressure of the carbon dioxide by the steam, and in 
part to the energy of formation of the hydroxide from the 
oxide. The hydroxide crystallizes as Sr(OH2‘8H2P. Stron- 
tium hydroxide is employed in the refinement of sugar to 
recover sugar from dilute solutions. Both calcium and 
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strontium ions form insoluble precipitates (saccharates) 
with sugar from hydroxide solutions, and these may be 
decomposed by the action of carbon dioxide. The stron- 
tium compound is somewhat the less soluble but the 
general practice in the sugar industry in the United States 
is to cool in solution and precipitate the calcium saccha- 
rate. 

Barium hydroxide crystallizes with eight molecules of 
water. Its solution is known as “baryta- water,” and is often 
employed as a standard alkali in quantitative analysis. 
The insolubility of the barium carbonate keeps the solution 
free from carbonate ion, which is usually present in sodium 
hydroxide and which is objectionable in titrating acids when 
certain indicators are used. 

8. Carbonates. — Normal beryllium carbonate does not 
exist, but a basic carbonate is precipitated upon the addi- 
tion of sodium carbonate to a soluble beryllium salt. The 
precipitate is soluble in excess of the reagent due to the 
formation of the beryllate ion, Be20s . 

Normal magnesium carbonate, MgCOa, occurs in nature 
as the mineral, magnesite. A basic carbonate, Mg4(OH)2- 
(C03)g-3H20, is precipitated when an alkali carbonate is 
added to magnesium ion. The precipitate is soluble in ex- 
cess ammonium ion due to the equilibria: NHg"^ + OH~ 
= NH4OH, and NH4+ + CO3-- + H2O = HCOg- 
-1- NH4OH. The carbonate is also soluble in carbonic acid 
(see Calcium Carbonate below). The precipitated basic salt 
is used in medicine under the name “magnesia alba,” partly 
as a mild alkali and partly for the physiological action of 
magnesium ion. Considerable quantities are consumed in 
the preparation of tooth powder and of silver polish. The 
natural carbonate and also the double carbonate with 
calcium, dolomite, CaCOg’MgCOg, are used for the com- 
mercial production of carbon dioxide. The compound 
MgC03(NH4)2C03*4H20 is precipitated upon the addition 
of ammonium carbonate to magnesium ion in a solution con- 
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taining 30 per cent alcohol. Advantage is taken of this fact 
in qualitative analysis. 

Calcium carbonate crystallizes in two forms, calcite, 
rhombohedral, and aragonite, rhombic. The latter is un- 
stable in respect to the former but the rate of transition is 
slow at ordinary temperatures. The heat of transition is 
about 300 cal. per mole. The carbonate is the most abun- 
dant of the calcium compounds. The most common forms 
are: Iceland spar, which is almost pure calcite; marble; 
limestone, which is less crystalline and contains clay and 
other silicates ; chalk, which has been formed from the shells 
of minute marine organisms; shells and pearls. 

The crystal structure of calcite is similar to that of sodium 
chloride, with the carbonate group replacing the chloride. 
The three oxygens are symmetrical about the carbon. Be- 
cause of the size of the carbonate group the unit cube is 
distorted into a rhombohedron. Calcite is luminescent under 
the action of cathode rays. The glow persists for some time 
after the action of the rays has been stopped. 

Calcium carbonate is precipitated upon the addition of 
carbonate ion. If the solution is boiling the precipitate is 
largely aragonite; in the cold it is finely divided calcite, 
which becomes coarse grained and distinctly crystalline 
upon standing. The solubility of calcium carbonate is in- 
creased in the presence of hydrogen ion due to the equilib- 
rium, H+ -t- C03~~ = HCOs" (cf. Xm — 10) and hence, 
CaCOa -h = Ca++ + HCOs". With excess acid, carbon 
dioxide is, of course, liberated. Due to the fact that the 
second ionization step of carbonic acid is much less than 
the first, calcium carbonate dissolves in carbonic acid: 
CaCOs -f- H2CO3 = Ca+'*' + 2HC03~. This reaction oc- 
curs wherever water comes in contact with rock or soil con- 
taining calcium (or magnesium) carbonate, and imparts 
“hardness” to the water, which is objectionable for certain 
purposes (Par. 10). The bicarbonate solution upon heating 
loses carbon dioxide and the carbonate is again precipitated. 



§ 9 ] 


GROUP II. ALKALINE EARTH METALS 


69 


Stalactites and stalagmites are formed in caves by the pre- 
cipitation of calcium carbonate brought about by the loss of 
carbon dioxide from water, which has been highly charged 
with the gas and thereby dissolved large quantities of lime- 
stone. 

In addition to widespread use as building material, lime- 
stone is used in the manufacture of cement, lime, and glass. 
It is used in many metallurgical processes to form a flux 
with silica through the formation of calcium silicate. 

Strontium and barium carbonates occur in nature as 
strontianite, SrCOa, and witherite, BaCOs, respectively. 
Next to the sulfates, they are the most important sources of 
these elements. The stability of the carbonates toward 
decomposition into the oxides increases, and the solubility 
in water decreases with increasing atomic weight. The gen- 
eral solubility equilibria of these carbonates with acid is 
similar to those of calcium, discussed above. 

9. Halides. — ^The halides of beryllium, unlike most metal- 
lic halides, are very poor conductors of electricity in the 
fused state. The beryllium halides are highly hydrolyzed 
in solution, but not as much as the aluminum halides. The 
solutions upon evaporation yield basic salts. 

The fluorides of the members of the group other than 
beryllium are insoluble in water, even in the presence of an 
excess of fluoride ion. The fluorides of calcium, strontium, 
and barium crystallize in ionic lattices of the so-called 
“calcium fluoride structure” (Append. V). Calcium fluoride 
occurs as the mineral fluorite or fluor-spar, and is important 
as the chief source of fluorine compounds. It is unusually 
transparent to ultraviolet light, nearly to 0.1 m- 

The occurrence of magnesium chloride in salt deposits as 
double salts has been mentioned (cf. IX — 18). It crystal- 
lizes from its water solution at room temperature as 
MgClz'dHzO. This hydrate also occurs as the mineral, 
bischofite. The anhydrous salt cannot be prepared from the 
hydrate, as upon heating it loses hydrogen chloride: 
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MgCh + H2O = MgO + 2HCL This reaction may be 
employed for the manufacture of hydrochloric acid. Mag- 
nesium chloride combines with the oxide to form a basic 
chloride, Mg20Cl2. The heat of the reaction, 20 kcal., in- 
dicates that the compound is very stable. This reaction is 
the basis for the Sorel cement which is now used extensively 
as a substitute for tile. Magnesium chloride is often present 
in table salt, and its deliquescent nature frequently causes 
the salt to “cake” in damp weather. This may be avoided 
by the addition of enough sodium bicarbonate to form the 
basic magnesium carbonate. 

A number of double compounds of calcium chloride occur 
as minerals, for example, tachydrite, CaCl2MgCl242H20, 
and apatite, Ca6(P04)3Cl (or Ca5(P04)3F). The chloride 
may also be recovered from natural brines and salt de- 
posits. Below 30° the salt crystallizes as the hexahydrate. 
Upon heating it may be dehydrated to form successively 
tetra-, di-, and monohydrates, and anhydrous salt. The 
latter contains some oxides formed through the loss of hydro- 



Parts of CaCIa per 100 Parts of HaO 


Fig. 2. The system calcium 
chloride and water. 


gen chloride, as in the case 
of magnesium chloride dis- 
cussed above. The solubility 
relations of the various hy- 
drates are given in Fig. 2. 
The eutectic of the hexahy- 
drate and ice is — 55° C. 
The anhydrous salt and di- 
hydrate are used extensively 
as drying agents. The equi- 
librium pressure of water va- 
por for the reaction, CaCl2 


•2H2O -f 2H2O = CaCl2*4H20, is 0.92 mm. at 0°, and 
3.78 mm. at 20°. Calcium chloride forms compounds with 


ammonia, CaCls-SNHs, and with alcohol, CaCl2-4C2H60, 
and hence cannot be used for drying these substances; nor 
can it be used to dry hydrogen sulfide, which it de- 
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composes somewhat with the evolution of hydrogen chlo- 
ride. 

The deliquescence of calcium chloride and its low cost 
make it useful in sprinkling roads. Its high solubility and 
the low freezing point of its solutions render it useful in 
refrigerating brines. Its principal commercial sources are 
ammonia recovery plants, 2NH4CI -f Ca(OH)2 = 2NH3 
-f- CaCl2 + 2H2O (see Ammonia, Xn — 6) and the Solvay 
soda process (cf. IV — 13), in both of which it results as a 
by-product. 

Barium chloride is prepared for use as an analytical re- 
agent by heating a mixture of barium sulfate, calcium chlo- 
ride, and carbon; BaS04 -1- CaCl2 -t- 4C = BaCU -f CaS 
-1- 4CO. The chloride is leached out and purified by re- 
crystallization. 

Radium is frequently prepared for commercial use in the 
form of chloride. Both the chloride and bromide are more 
insoluble than the corresponding barium compounds. 

In general the solubilities of the alkaline earth halides 
increase in order of increasing atomic weight of the halogen, 
and decrease with increasing atomic weight of the metal. 

10. Sulfates. — Beryllium sulfate is very soluble, and 
forms syrupy liquids from which it is difficult to crystallize 
a pure compound. The tetra- and hexahydrates have been 
obtained; the former is apparently unstable in respect to 
the latter. 

Magnesium sulfate is found in many mineral waters and 
in the bittern of sea water. It occurs as the minerals kie- 
serite, MgS04-H20, and epsomite (epsom salts), MgS04 
•7H2O. Between 1.8° and 48° the rhombic heptahydrate 
crystallizes from solution; below 1.8° a dodecahydrate 
separates; and at higher temperatures there are formed a 
number of lower hydrates. The anhydrous salt cannot be 
prepared, due to formation of basic sulfates upon heating 
the hydrates. Magnesium sulfate is used in weighting and 
sizing cotton, silk, paper, and leather; in fireproofing fabrics; 
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and in medicine as a purgative, and as a stimulant to 
increase the secretion of bile. 

Calcium sulfate occurs in enormous deposits of gypsum, 
CaS04*2H20 (when pure white called alabaster); and less 

extensively as anhydrite, 
which is the anhydrous salt. 
The solid phase in equilib- 
rium with the saturated 
solution is gypsum below 
63.5° C., and anhydrite 
above (Fig. 3). The solu- 
bility of the two salts at the 
transition point is O.OIS 
mole per liter. The solu- 

Moies X 1 0'^ of casOi per liter bility of anhydrite de- 

Fig. 3. The system calcium creases rapidly with rising 
sulfate and water. temperature and is only 

0.002 mole per liter at 150° C. This decrease in solubility 
is partly responsible for the separation of boiler scale from 
water containing calcium sulfate (Hard Water, Par. 11). A 
second unstable and more soluble form of anhydrite also 
exists. 



Upon heating, gypsum loses water to form the hemihy- 
drate: 2(CaS04-2H20) = (CaS04)2'H20 -f- 3H2O. The 
equilibrium pressure of water vapor reaches one atmosphere 
at 107° C. The hemihydrate is known as plaster of Paris. 
When it is mixed with water the equilibrium is reversed, 
and the plaster sets to a mass of gypsum crystals. The 
setting results in an increase in volume, and the plaster thus 
fills perfectly any mold into which it may be poured. In 
making plaster of Paris the gypsum must not be heated too 
strongly, as the anhydrous salt is then formed which ab- 
sorbs water very slowly. Such plaster is called “dead 
burnt.’’ The largest use of sulfate is in the manufacture 
of plaster for the interiors of buildings. Two varieties of 
plaster are made: (1) cement plaster, which is plaster of 
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Paris to which glue, glycerine, and other organic substances 
have been added as “retarders” to prolong the time of 
setting; and (2) hard finish plasters, such as Keenes cement, 
which is made by the calcination of the anhydrous sulfate 
with alum or borax. This second type of plasters sets very 
slowly, but gives a hard finish. Large quantities of sulfate 
are used in the manufacture of stucco and wall board and 
as a retarder for Portland cement (cf. XIV — 24). The 
yearly consumption of gypsum in the United States is about 
six million tons. 

There are two forms of the anhydrous calcium sulfate. 
One is comparatively unreactive to water but the other, 
sometimes called soluble anhydrite, absorbs water rapidly. 
The latter is marketed under the trade name of “Drierite” 
as a highly efficient desiccemt for gases and liquids. Water 
remaining in air after drying with the reagent at 25° C. is 
said to be 0.005 mg. per liter. 

Strontium sulfate, SrS04, celestite, and barium sulfate, 
BaS04, barite or heavy spar, are the most important minerals 
of these elements. These sulfates are extremely insoluble in 
water and dilute acids. They dissolve in concentrated 
sulfuric acid through the formation of HS04“, and are 
reprecipitated upon dilution. When the sulfate is treated 
with sodium carbonate solution, some of the sulfate is con- 
verted into carbonate : BaS04 -f- CO3 = BaCOa + SO4 . 
At equilibrium the ratio of the molal concentration of 
sulfate to carbonate for the barium salts is about 0.01. If 
barium sulfate is treated, for example, with 100 cc. of 
JIfNaaCOs, 0.2 gram of barium carbonate will be formed. 
By decanting the solution and repeating the treatment, any 
amount of the sulfate may be converted into carbonate. 
The sulfate may also be converted into soluble salts by 
reduction with carbon at about 800° to form the sulfide, 
which may then be dissolved in acid. Barium sulfate is 
slowly dissolved by boiling with concentrated HI, because 
of reduction of the sulfate by iodide. 
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Barium sulfate is an important pigment. Lithopone, a 
mixture of barium sulfate and zinc sulfide, is prepared by 
the reaction: BaS + ZnS 04 = BaS 04 + ZnS. This pig- 
ment has excellent covering power and does not darken with 
hydrogen sulfide. Precipitated barium sulfate is also used 
as a pigment, especially as an adulterant of white lead, 
but its covering power is not good. Barium sulfate is 
further employed as a “filler” in wall paper and in glazed 
paper. It is taken internally in making X-ray photo- 
graphs of the intestinal tract, on account of the opaqueness 
to X-rays of such a heavy atom as barium. The sulfate 
is the only barium salt which may be used, as it alone is 
sufficiently insoluble to prevent poisoning by the barium ion. 

Radium sulfate is even more insoluble than barium sul- 
fate. In the commercial extraction from uranium ores the 
sulfate is precipitated along with those of barium and lead, 
and converted into the chloride by either of the two methods 
discussed above. 

11. Water Softening. — ^Water containing soluble calcium 
and magnesium salts is known as hard water. It is objec- 
tionable in the laundry because soap, which contains sodium 
or potassium salts of the higher fatty acids, such as stearic 
or palmitic acid (C17H35COOH and CisHsiCOOH), forms 
insoluble salts with calcium and magnesium. This results 
in a waste of soap and the precipitate is a slimy curd which 
is difficult to remove. Hard water is objectionable in 
boilers because of the formation of boiler scale. The nega- 
tive ions present in hard water are principally chloride, 
sulfate, and bicarbonate. Upon heating to a high tempera- 
ture much of the dissolved material is precipitated as scale 
which is composed largely of anhydrite (Par. 10), calcium 
carbonate, and magnesium oxy-compounds. Such scale 
is a very poor conductor of heat, and its formation causes 
not only a waste of fuel, but also more rapid deterioration 
of the boiler through overheating at the surfaces where the 
heat is applied. Water which contains large quantities of 
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bicarbonate may be softened simply by heating: Ca++ 
+ 2HC03~ = CaCOa + CO2 + H2O. Such water is re- 
ferred to as possessing temporary hardness. In many 
industrial plants water is softened by the addition of lime 
equivalent to the calcium bicarbonate present, and sodium 
carbonate equivalent to the additional calcium and mag- 
nesium; 2HCO3- H- 20H- -h 2Ca++ = 2CaC03 + 2H2O, 
and Ca++ -f CO3— = CaCOs. 

In the zeolite or “permutite” process water is softened 
by filtering slowly through artificial or natural zeolite, which 
is a hydrated sodium aluminum silicate. Although the 
composition varies somewhat in the different forms, 
NaHeAlSiO? may be written as an approximate formula. 
The sodium is replaceable by calcium, magnesium, ferrous, 
and other -f- 2 ions. 2NaH6AlSi07 -h Ca"*^ = Ca(H6- 
AlSi07)2 + 2Na+. The equilibrium is reversible and when 
the efficiency of the zeolite drops, it may be regenerated by 
treating for a few hours with a concentrated solution of 
sodium chloride. The process is inexpensive as only sodium 
chloride is consumed. 

A considerable quantity of ferrous iron is frequently 
present in surface water. This is especially objectionable 
in the laundry because of the yellow color imparted to the 
cloth by the oxidation of the iron to the ferric state. The 
iron Is removed by either the lime-carbonate, or the zeolite 
processes, or by spraying the water to give intimate con- 
tact with the air, which oxidizes the iron to insoluble ferric 
hydroxide. 

The use of tetrasodium pyrophosphate, Na4P207, and 
hexasodium hexaphosphate, NasPeOis, is increasing in wash- 
ing technology. These salts hold the calcium in solution 
as complex ions, e.g., Ca2P60i8 , and thus prevent the 
formation of curds. Since it is the fatty acids, contain- 
ing the — COOH group which tend to precipitate the 
calcium in ordinary soap, a number of new detergents have 
been introduced which do not have this acid radical. The 
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sodium salt of the sulfuric ester of cetyl alcohol, C16H33- 
0S03Na and cetyl trimethyl ammonium bromide, C16H33- 
(CH3)3NBr, are examples. 

12. Carbides. — At a very high temperature the metals or 
their oxides react with carbon forming carbides. The most 
important is calcium carbide, CaCj, which is produced on a 
large scale by heating a mixture of lime and carbon to a 
temperature of about 3 , 000 ° C. in an electric furnace: 
CaO + 3 C = CaCa + CO. Calcium carbide reacts with 
water to form acetylene (cf. XIII — 18 ): CaC2 + 2H2O 
= Ca(OH)2 + C2H2. It may, therefore, be called calcium 
acetylide. Another important reaction of the carbide is 
the absorption of nitrogen at about 1 , 000 ° C. to form cy- 
anamide: CaC2 + N2 = CaCN2 + C. This reaction is the 
basis for the cyanamide process for the fixation of nitrogen 

(cf. xn— 8). 

13 . Hydrides. — Beryllium and magnesium do not readily 
form hydrides; but calcium, strontium, and barium react 
readily with hydrogen at high temperature (about 600 °). 
The large heats of the reactions, e.g., CaH2, 46 kcal., 
indicate the stable nature of these hydrides. Like the 
alkali hydrides, the hydrogen possesses a negative charge 
and is liberated at the anode upon electrolysis of the molten 
salts. Calcium hydride, although expensive, is an easily 
portable source of hydrogen for war balloons. One mole 
reacts with water to give two moles of hydrogen: CaH2 
+ 2H2O = Ca(OH)2 + 2H2. 

14 . Nitrates. — Calcium nitrate is a constituent of fertile 
soils. The salt is produced for use as fertilizer by the electric 
arc process for the fixation of nitrogen (cf. XII — 32 ). It 
crystallizes as Ca(N03)2*4H20 at ordinary temperatures 
and is very soluble. Strontium nitrate is used in the manu- 
facture of red fire. Barium nitrate is the least soluble of the 
group, and is precipitated as the anhydrous salt upon the ad- 
dition of barium ion to solutions containing high concentra- 
tions of nitrate. It is sometimes used in making green fire. 
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16. Sulfides. — The sulfides may be formed by the direct 
union of the elements, or by reduction of the sulfates by 
carbon. The compounds so prepared dissolve but slowly 
in water, but the apparent insolubility is merely a matter 
of rate of solution. Solutions of these sulfides, like those 
of all soluble sulfides, are highly alkaline due to hydrolysis 
of the sulfide ion. Calcium sulfide is used as a depilatory. 
The use of barium sulfide has been mentioned in the prepara- 
tion of lithopone. Both of these sulfides glow in the dark 
after exposure to sunlight, and are used in the preparation 
of luminous paint. This property is apparently due to the 
presence of traces of impurities, especially vanadium and 
bismuth. In the regions about the particles of impurities, 
the crystal is able to absorb radiant energy through the 
displacement of electrons to higher energy levels. The 
rate at which the electrons return to the stabler positions is 
slow, so that the absorbed energy is re-emitted over a period 
of time. 

16. Phosphates. — The calcium phosphates are the most 
important of the group. They occur as the tri- and di- 
calcium orthophosphate, Ca3(P04)2 and CaHP04; and as 
fluor and chlor apatites (Par. 4). Dried bones consist 
largely of calcium phosphate. Millions of tons of the in- 
soluble tricalcium salts are treated yearly with sulfuric acid 
to convert into soluble acid phosphate, Ca(H2P04)2, for 
use as fertilizer (see Superphosphate, XI— 64). Ammo- 
nium magnesium phosphate, NH4MgP04*6H20, is important 
in analytical work (Par. 18). 

17. Other Important Compounds. — A number of com- 
pounds containing the alkaline earths are discussed under 
other headings: bleaching powder (cf. X — 13), glass (cf. 
XIV — 23), cement (cf. XIV — 24), asbestos (cf. XIV — 20), 
talc (cf. XIV— 21). 

18. Anal3rtical Properties of Alkaline Earth Ions. — The 
chemistry of the alkaline earth ions is comparatively 
simple, as they form no complexes with other ions (a few 
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exceptions with beryllium), and few insoluble compounds. 
The ions are colorless. Beryllium ion has a sweet taste, 
magnesium ion a bitter taste, and calcium ion is practically 
tasteless. Barium ion is extremely poisonous. The solu- 
bilities of the various hydroxides has been discussed (Par. 
7). The solubilities of the chromate and sulfate decrease 
with increasing atomic weight; and likewise the carbonate, 
with the exception that strontium carbonate is more insol- 
uble than barium. The group, not including beryllium, is 
separated from all other positive ions except the alkalies 
by taking advantage of the fact that they are not precipi- 
tated by a solution of ammonium sulfide. Ammonium car- 
bonate precipitates CaCOa, SrCOs, BaCOs; and if about 
30 per cent alcohol is present, MgC 03 ‘(NH 4 ) 2 C 0 s. Radium 
is separated from barium by fractional crystallization of 
the chlorides, bromides, or chromates, the compounds of 
the latter being the more soluble. Barium may be sepa- 
rated from the lighter members of the group by the greater 
insolubility of the chromate. Strontium is separated from 
calcium in solution by the addition of a dilute solution of 
sulfate, which precipitates strontium sulfate but not cal- 
cium. Magnesium is separated from the heavier elements 
of the group through the solubility of the carbonate in 
ammonium salts. The insoluble nature of beryllium hy- 
droxide permits its ready separation from the remainder 
of the group. ‘ It may be distinguished from aluminum by 
the solubility of the beryllium hydroxide in excess bicar- 
bonate, probably due to the formation of a complex bicar- 
bonate ion. 

Calcium may be precipitated quantitatively as calcium 
oxalate by the addition of ammonium oxalate. The pre- 
cipitate is composed of larger crystals, and is more easily 
filtered if precipitated from a slightly acid solution, in 
which it is somewhat soluble. The final traces of calcium 
may then be removed by making the solution alkaline with 
ammonium hydroxide. The oxalate may be dried and 
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weighed as such or ignited to form the carbonate : CaC204 
= CaCOs + CO. 

Barium is usually precipitated and weighed as sulfate (cf. 
XI— 33): while strontium may be determined as sulfate or 
oxalate. Magnesium ammonium phosphate, NH4MgP04 
•6H2O, is precipitated upon the addition of sodium phos- 
phate and ammonium hydroxide to a solution of a magne- 
sium salt. Upon ignition the pyrophosphate, Mg2P207, is 
formed, and may be weighed as such: 2NH4MgP04‘6H20 
= Mg2P207 + 2 NH 3 + I 3 H 2 O. 

The sodium rhodizonate spot test is a convenient method 
of distinguishing between calcium, barium, and strontium. 
One drop of an 0.4 per cent solution of the reagent is placed 
on a filter paper. One drop of test solution is placed on the 
drop and then one drop of ethyl alcohol. Barium and 
strontium give red coloration. If the spot is now touched 
with one drop of 0.3N HCl, barium will remain bright red 
but strontium will dissolve. 

19. Spectra. — Beryllium and magnesium compounds do 
not ionize sufficiently to impart color to the Bunsen flame. 
Volatile calcium compounds give a brick red, strontium a 
carmine, barium a yellow green, and radium a crimson 
flame. The coloration is very intense with the chlorides, 
but is not satisfactory with the oxides or sulfates due to 
their low volatility. The electric arc spectra afford a 
much more delicate means of determining the presence of 
the alkaline earth elements, 0.002 mg. of calcium being 
detectable. The material to be analyzed is usually placed 
upon the positive pole of the arc. The wave lengths in 
ju/i (10~® mm.) of the more prominent lines are: calcium 
423, 616; strontium 422, 461; barium 455, 493; magnesium 
516.8 to 518.4} a . group of three lines. 
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GROUP III. BORON, ALUMINUM 

1 . The third periodic group, like the first and second 
groups, is divided into a main group with kernels of the 
noble gas type, and a subgroup with kernels of the eighteen 
electron type. The elements of the main group are boron, 
aluminum, scandium, yttrium, lanthanum (and Rare 
Earths), and actinium; those of the subgroup are gallium, 
indium, and thallium. Although the Rare Earths may be 
considered as members of the third main group, they con- 
stitute a family which is so unique from the standpoint of 
atomic structure that it seems advisable to discuss them in 
a separate chapter (cf. XXI). Due to the great similarity 
of scandium, yttrium, and lanthanum to the Rare Earths, 
the detailed consideration of these three elements will be 
postponed to that chapter. Actinium is of interest chiefly 
on account of its radioactivity, and will, therefore, be taken 
up in that connection (cf. XXII). The subgroup elements 
are discussed in Chapter IX. 

Boron is a nonmetal, but the remainder of the group are 
highly metallic. The melting points of the group are 
fairly high (Table I), and exhibit no regular trend from the 
light to the heavy elements. An oxidation state of -f 3 
is shown by these elements in all of their compounds with 
the exception of a few relatively unstable compounds of 
boron. The oxides or hydroxides are less basic than those 
of the alkaline earth elements, as is to be expected from 
the increased charge on the positive ions. Boron oxide 
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is distinctly acidic and shows only faint basic properties. 
Aluminum oxide is amphoteric, while scandium, yttrium, 
and lanthanum show no acid properties and are distinctly, 
though not strongly, basic. This increase in basic character 
of the oxides within the group is again to be correlated with 
the increasing size of the ions of the heavier members 
(cf. m— 7). 

The elements are somewhat less electropositive than the 
alkaline earth metals. The energies required to ionize 
the electrons from the gaseous atoms are very high, as 
shown for aluminum in Table I ; hence the high values for 
the electrode potentials of the elements must be due to 
even greater energies of hydration of the positive ions. 
In the case of aluminum this is over a thousand kilogram- 
calories. 


TABLE I 


Atomic and Physical Properties 



B 

A1 


B 

A1 

Atomic weight 

10.82 

26.97 

Ionization 



Atomic number . . . 

5 

13 

potentials in 



Isotopes 

10, 11 

none 

volts, 1st 

8.26 

5.96 

Electrons in various 



2d 

I 25.00 

18.74 

quantum levels, 



3d 

37.75 

28.31 

1st 

2 

2 

Electrode 



2d 

3 

8 

potential 



3d 


3 

M « M+++ + 



Melting points ® C. 

2,300 

658 

3c-, volts 25® 


1.67 

Boiling points ° C, 

2,550 

1,800 

Electral resistivity 



Density 

2.4 

2.70 

20® C. ohm-cm. * 

1.8 X 10* 

2.62 X 10-* 




Radius of 






in crystals, 






cm. X 10* 

0.20 

0.50 


BORON 

2. Occurrence. — Boron constitutes but a small portion 
of the earth’s crust, estimated as about 0.001 per cent. It 
occurs as boric acid, H3BO3, and as borates. The principal 
deposits have resulted from the evaporation of inland seas. 
In the Stassfurt area in Germany the deposits are chiefly 
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magnesium borates; while in the arid regions of western 
United States they consist largely of colemanite, CazBeOn 
•SHaO, with some borax, Na 2 B 4 O 7 * 10 H 2 O. Recently large 
deposits of kernite, Na 2 B 40 y 4 H 20 , have been discovered 
in Kern County, California. Boron is widely distributed in 
rocks in complex silicates and aluminates, such as tour- 
maline, H 2 MgNa 9 Al 3 (BO) 2 Si 4 O 20 . 

3. Preparation and Properties. — No satisfactory elec- 
trolytic method has been developed for the production of 
boron. It is usually prepared by the reduction of the oxide 
by powdered magnesium: B 2 O 3 -f- 3Mg = 3MgO -b 2B; 
but other powerful reducing agents, such as sodium, may 
be used and the halides may be substituted for the oxide. 
The product of the reduction is amorphous boron, and, 
when magnesium is used, it is mixed with magnesium boride, 
Mg 3 B 2 , the proportion of which may be minimized by using 
excess of boric oxide, but in this case some suboxide, pos- 
sibly B3O remains. If this product is heated in an electric 
furnace with an atmosphere of hydrogen a crystalline boron 
is obtained. When the reduction was first carried out with 
aluminum the product was thought to be crystalline boron, 
but further investigation has indicated that it consists of a 
mixture of aluminum borides, such as AIB 12 . 

Small crystals of boron have been prepared by the reduc- 
tion of the trichloride with hydrogen when heated by a 
tungsten filament to a temperature around 1,500° C. 

The free element, as usually prepared, is a dark brown 
powder. The cooled fused material is brittle, almost as hard 
as diamond, and practically a non-conductor of electricity. 

4. Reactions. — Boron oxidizes slowly in air at 100° C., 
and bums at higher temperatures with a green flame. It 
ignites in fluorine at room temperature, and in the other 
halogens at higher temperatures. From the potential 
-b 0.73 volt for the half reaction. 


3H2O -b B = H3BO3 -b 3 H+ -b 3 e-, 
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the element should dissolve readily in acid. However no 
reaction occurs, the slowness doubtless being due to the 
large initial energy required to break the strong bonds in 
the solid. It does dissolve in fused alkalies due to the 
stability of the borates. It is readily oxidized by strong 
oxidizing agents, such as nitric acid, concentrated sulfuric 
acid, and ferric ion. It does not combine directly with hy- 
drogen. These and other reactions are summarized below. 


TABLE 11 


Reactions of Boron 


4B + 30s = 2B,0, 

2B + 3Xs = 2BXs 

2 B “1“ 3S “ B 2 S 5 

2B 4* N 2 « 2BN 

2B 4* 2 NH 3 = 2BN 4- SU 2 

2B 4- 6K0H = 2 K 8 BO 3 4- SHa 

B + HNOa 4- H 2 O = H 3 BO 3 4- NO 

nB 4" mM = MraBn 


Burns with green flame 
With halogens 
At about 600® 

Above 1.200® 

Heated 

Fused with alkali 

With a large number of metals 


6. Oxides. — Boron forms the oxide B.Os, and there is 
evidence of suboxides BO or B3O. The sesquioxide may be 
prepared by heating boric acid to red heat. The product 
is a very hard, brittle glass. The oxide dissolves most metal 
oxides to form clear glasses. The sesquioxide takes up water 
rather rapidly to form the acid, and since it is otherwise 
very non-reactive, it often serves as a convenient dehy- 
drating agent. 

6. Boric Acid and Borates. — ^The addition of strong acids 
to borates liberates the weak boric acid, and this crystal- 
lizes from the water solution as the ortho-acid, H3BO3. 
The solubility increases markedly with temperature; a 
saturated solution contains 2.6 per cent at 0°, and 28.7 per 
cent at 100° C. The acid is somewhat volatile from hot 
solutions, possibly due to the formation of volatile hydrates. 
Upon heating, the ortho-acid loses water to form first the 
meta-acid, HBO2, and then the tetraboric acid, H2B4O7. 
In water solution the ortho-acid acts as a weak monobasic 
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acid i.e., its reactions are those of the meta-acid, HBO2. 
The dissociation constant as calculated for the reaction, 
H3BO3 = H+ -h H2B03'", is 5.8 X 10 ~“. The equilibrium 
is complicated, above concentration of 0 . 5 ilf by the forma- 
tion of HB407~. The acid is used in medicine, under the 
name “boracic acid,” as a mild antiseptic. 

Very few orthoborates are known, and in water solution 
they hydrolyze: 

BO3 + H2O = H2BO3- -b 20 H- 

Upon the addition of hydroxide to the ortho-acid the 
equilibrium, 2B02~ -b 2HBO2 = H2O -b B4O7 , is estab- 
lished, the equilibrium constant being about 10 ®. The con- 
stants for the first and second ionization of H2B4O7 appear 
to be about 10 “^ and 10 ~®, respectively. Many of the meta- 
borates are but moderately soluble, e.g., AgB02, Ba(B02)2, 
Pb(B02)2. With sodium hydroxide the salt, Na2B407 
TOH2O, borax, forms, and may be crystallized from the 
solution below 60 ° C. Above that temperature a pentahy- 
drate is stable. The naturally occurring kemite, which is 
the tetrahydrate, is a metastable form and has not been 
prepared in the laboratory. 

Borax is the most important compound of the element. 
It is but sparingly soluble at 0 ° C., 1.3 g. per liter, but is 
very soluble at the temperature of transition to the penta- 
hydrate. The solution is slightly alkaline by hydrolysis, 
0.1 JV solution containing about 2 X 10 ~®iV OH“. Borax is 
prepared from naturally occurring borates by (1) the extrac- 
tion of the acid, and (2) the reaction of the acid with sodium 
carbonate: 4H3BO3 -t- Na2C03 = Na2B407 + 6H2O H- CO2. 

Borax fuses to form a gleiss which is capable of dissolv- 
ing metal oxides, since it contains an excess of acid oxide, 
e.g. Na20‘2B203 + CuO = Na20*B203 -1- Cu0*B203. Upon 
this property depends its use in soldering and welding 
to clean the metal surface of coatings of oxides. Many 
oxides dissolved in fused borax impart characteristic colors. 
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the familiar borax bead tests (Append. VII). The colored 
glass finds use as artificial gems, and when ground, as pig- 
ments. Among other important uses of borax are the manu- 
facture of glass, enamels, and soap, sizing for paper, and as 
a preservative for wood and meats. 

Besides the borates above mentioned there exist a very 
large number of polyborates, salts of the acids, (B203)n- 
(H20)mi where n may be as large as six and m is usually 
one, two, or three. 

In boric acid the BO3 group is planar with the oxygens 
forming a triangle about the boron. In calcium metaborate 
the BO2 groups form chains of triangles linked together by 
holding oxygen atoms in common, and in potassium meta- 
borate, KsBsOe, the structure of the negative ion is, 


O 

B 



O 


/ \ / \ 


o 


o 


7. Boric acid forms with methyl alcohol the rather vola- 
tile methyl borate, (€113)3603. This compound bums with 
a green flame. The corresponding ethyl borate is less 
volatile. The very slightly basic nature of boric acid is 
shown by the reaction between boiling boric acid and phos- 
phoric acid to give boron phosphate, H3BO3 -f H3PO4 
= BPO4 -t- 3H2O. Borax fused with ammonium chloride 
forms boron nitride: Na 2 B 406 + 4NH4CI = 4 BN + 2 NaCl 
+ 7H2O -f 2 HC 1 . Boryl stalfate, (B02)2S04, is formed by 
the action of sulfur trioxide upon boron trichloride. 

8. Peroxyborates. — Peroxyborates may be prepared by 
the action of peroxides upon borates or by the electrolytic 
oxidation of borate solutions. The most important of these 
compounds is the sodium salt, NaB03'4H20. It is used as 
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a bleaching agent, and as an antiseptic constituent of cer- 
tain tooth powders. 

9. Borides. — In addition to the borides of magnesium 
and alumin um mentioned above, a large number of borides 
have been prepared, among which the following may be 
mentioned: AIB2, CaBe, BaBs, CB4, SiBe, ThB4, CrB, WB2, 
FeB, Fe2B, NiB, CoB. 

The so-called boron carbide, CB4, may be made by the 
reduction of boric acid with carbon in the electric arc fur- 
nace. In spite of its great hardness, it may be cast and 
molded. 

10. Halides. — ^The halides are gases, or easily volatile 
liquids. The melting and boiling points parallel the cor- 
responding values for the halogens. 



BFg 

BCI3 

BBrj 

BI, 

Boiling point 

- 101.9 

13 

90.5 

210 

Melting point 

- 128 

- 107 

-44 

43 


They may be prepared by the direct union of the elements, 
but are usually formed from boric oxide, using hydrogen 
fluoride in the case of fluorine, B2OJ -1- 6HF = 2BF3 
-b 3H2O; and in the case of the other halogens using the 
halogen and carbon at elevated temperatures: B2O3 -|- 3 C 
-f 3X2 = 2BX3 + 3 CO. The fluoride is used commer- 
cially as a catalyst, one of the more important reactions 
being the reaction of an alcohol and carbon dioxide at 
high temperatures to form an organic acid. The three 
heavier halides are completely hydrolyzed in water: 
BX3 -t- 3H2O = H3BO3 -b 3 H+ -b 3 X-. The fluoride re- 
acts with water to form boric acid and fluoboric acid: 
4BF3 -b 3H2O = H3BO3 -b 3HBF4. Pure fluoboric acid is 
unstable, but many of its salts are known. Boron fluoride 
also forms a complex with ammonia, BNH3F3. The prob- 
able electronic formulae of the fluoride, the ammonia 
complex, and fluoboric acid are, respectively: 
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: F : H : F : ^ : F : 

B : F : H : N : B : F : : F : B : F : H 

: F ; H : F : : F : 

* • • « • * 

11. Hydroborons. — ^There are a number of compounds of 
hydrogen and boron which resemble the hydrocarbons in 
their non-polar nature. They are often referred to as the 
boron hydrides, but it seems advisable to restrict the use 
of the term “hydrides” to compounds in which the hydro- 
gen is definitely negative. The addition of magnesium 
boride to 4N HCl at about 
45° results in the evolution 
of a gas which is mainly hy- 
drogen, but contains as well 
the compound, B 4 H 10 , boro- ® 
butane, and small amounts § 
of BeHg, BeHio, and BeHia. | 

Borobutane boils at 10° and | 
melts at — 112°. It has a " 
disagreeable odor, is toxic, 
and ignites spontaneously 
when exposed to air. The 
gas is unstable in respect to 
decomposition into BzHs and 
a number of complex solids 
and liquids. The compound, 

BHs, does not appear to be stable, possibly due to poly- 
merization. The structure of these compounds is difficult 
to explain, as there are not enough electrons in B 4 H 10 , for 
example, to account for all the necessary bonds if each 
has an electron pair. The assumption has been made, 
that in these compounds we have examples of one electron 
bonds. 

12. Aiial 3 rtical. — ^The green flame test of methyl borate 
is often employed as a qualitative test. The sample is 
placed in a test tube, and sulfuric acid and methyl alcohol 



Fig. 1. Titration curves for 
boric acid. 
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added. The vapors which escape upon gentle warming 
bum with a green flame when ignited. 

Methyl orange does not react acid to boric acid, there- 
fore soluble borates may be titrated with that indicator. 
Pure boric acid is difficult to titrate with a strong base, 
as the equivalent point is highly alkaline as indicated in 
Fig. 1 . The addition of glycerol, mannite, or other polyal- 
cohols which form complex ions with B02“, has the effect of 
increasing the strength of the acid, and bringing the equiv- 
alent point into the range of phenolphthalein ; hence the acid 
may be titrated using that indicator. 

ALUMINUM 

13 . Occurrence. — Aluminum ranks third among the ele- 
ments in order of abundance. The estimated abundance 
in per cent in the igneous rocks is 8 . 13 . It is the most 
abundant of the metallic elements. The most common 
minerals are the aluminosilicates, which include the feld- 
spars, as KAlSiaOg; the micas, as H2KAU(Si04)3; and clays 
(kaolin), as H2Al2(Si04)2H20. Cryolite, NasAlFe, and baux- 
ite, Al203*»H20, are important in the production of the 
metal. Ruby, sapphire, and corundum are forms of the 
oxide. Garnet is, approximately, [Ca, Mg, Fe]3[Al, Fe]2 
(8104)3; and turquoise, Al2(0H)3P04-H20, colored by cop- 
per phosphate. 

14 . Preparation. — ^The metal was first prepared com- 
mercially about 1850 by the reduction of the chloride by 
sodium at high temperature. Shortly thereafter methods 
were developed for the electrolysis of mixtures of molten 
aluminum, sodium fluorides, and chlorides, but the metal 
remained rare and expensive until the simultaneous dis- 
covery by Hall and by H^roult of the electrolysis of the 
oxide in molten cryolite in 1886 , which laid the foundation 
of the modem aluminum industry. In the Hall process, 
the electrolysis is carried out in large iron pots with a thick 


§ 16 ] 


GROUP III. BORON, ALUMINUM 


89 


carbon lining which acts as the cathode. A number of 
large graphite rods sticking down into the pot serve as the 
anode. The graphite rods are first lowered until they 
touch the cathode and an arc is struck; powdered cryolite 
is then added and melted by the heat of the arc. When a 
sufficient liquid bath is obtained, aluminum oxide is added 
and the anodes drawn farther away from the cathode. 
The addition of the oxide raises somewhat the resistance 
of the liquid. The temperature of the bath is kept at 
about 1,000° C., and since this is above the melting point 
of the metal, it collects as a liquid in the bottom of the 
cell and is drawn off at intervals. Oxygen is liberated at 
the anode and gradually bums away the graphite. The 
cell reaction is: 2 AI 2 OS = 4A1 + 3 O 2 . Ordinary commer- 
cial aluminum is about 99.0 to 99.5 per cent pure. It is 
very difficult to refine the impure metal, so the oxide is 
carefully purified before electrolysis (see Oxide). Recently, 
however, aluminum of 99.85 per cent purity has been 
made electrolsdically from an alloy of aluminum, copper, 
and silicon. The cell consists of three liquid layers of de- 
creasing density; the lowest is the alloy, which is made 
the anode; the middle layer consists of molten salts; and 
the top layer is pure aluminum, which is made the cathode. 
Aluminum may be electroplated from a bath containing 
aluminum chloride and bromide dissolved in ethyl bromide 
and benzene. 

16. Properties. — ^The metal is extremely light, density 
2.7, and possesses high tensile strength. Although its 
specific electrical conductivity is less than copper, weight 
for weight it is twice as good a conductor. It is easily 
malleable and may be rolled into thin foil. It has a silvery 
appearance when freshly cut, but the ordinary surface has 
a dull white luster, since it is covered by a thin, firm coat 
of oxide which protects the surface from further oxidation. 

16. Uses. — In addition to the common use in household 
utensils, the metal is becoming increasingly important in 
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the construction of airplanes and other machines where 
light weight is essential. Two important uses are as foil 
in place of tin foil, and as a “silver” paint. The latter is 
made by mixing the thin metal flakes with oil. Aluminum 
wire to the extent of 500,000 miles was in use in the United 
States in 1937, chiefly in transmission lines. The metal 
is used to remove dissolved oxygen in casting iron and 
steel, and thus to prevent blow holes. It is also used in 
“thermite” (Par. 17). The metal can be welded, but it is 
soldered with difficulty. Many of the alloys are important, 
especially those with Cu, Si, Mn, Mg, Fe, and Zn. The pure 
metal is difficult to work on the lathe as it sticks to the 
tools, but many of the alloys may be machined readily. 
“Duralumin” contains 4 per cent copper, 0.8 per cent mag- 
nesium, and 0.6 per cent manganese; and when hardened 
by quenching, possesses a tensile strength of 60,000 lb. 
per sq. in., as compared to 30,000 lb. for the pure metal. 
Magnalium has the composition, aluminum 90-95 per cent 
and magnesium 5-10 per cent. See also magnesium and 
copper. 

17. Reactions. — ^Aluminum is a very base metal, but its 
surface is protected so thoroughly by its oxide coating 
that it may be melted in air without serious oxidation. 
However, at high temperatures the metal burns vigorously, 
and aluminum powder and liquid oxygen unite with a 
flash if ignited with a match. The metal does not dissolve 
in water unless the surface is amalgamated. The oxide 
does not adhere to the amalgamated surface, and the 
metal is free to show its true electropositive nature by 
reacting with water or by oxidizing rapidly in air. The 
metal dissolves readily in hydrochloric acid, and slowly in 
sulfuric acid, but is rendered passive by nitric acid so that 
this acid is often shipped in aluminum containers. It dis- 
solves rapidly in nitric acid, however, if a small amount 
of mercuric salt is present. Nitric oxide is evolved from 
concentrated acid, and ammonium nitrate formed with 
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dilute. Concentrated alkalies dissolve the metal with the 
evolution of hydrogen and the formation of the aluminate. 
The granulated metal reduces many oxides and sulfides 
upon ignition, the so-called “Goldschmidt reaction.” A 
mixture of aluminum and iron oxide, known as “thermite,” 
is used in welding. The heat of the reaction is such that a 
temperature of about 3,000° is produced, and the iron 
formed by the reduction can be run as a white hot liquid 
into the crack to be welded. To start the termite reaction 
an ignition powder is required, such as a mixture of barium 
peroxide and aluminum. 

The aluminum electrode is highly irreversible, and ex- 
tremely difficult to measure directly. The value, 1.67 
volts, is calculated from thermal data and indicates that 
aluminum is about as electropositive as magnesium. 

The irreversibility of the aluminum electrode is made use 
of in rectifying alternating currents. When acting as anode, 
the electrode has enormous resistance, but as cathode it has 
low resistance ; hence cells with an aluminum electrode allow 
one half of an alternating current to pass but not the other. 
The cell is most effective with a phosphate electrolyte. 

TABLE III 

Reactions of Aluminum 

2Al 4" 3 O 2 =* AI 2 O 3 
2A1 4- 6H+ = 2AI+++ 4- 3 H 2 
2Al 4- 20H~ + 4 H 2 O = 2H2A103-- 4* SHg 
Al(amalgam) + 6 H 2 O = 2 Al(OH )3 4* SHz 
Al(amalgam) 4- 4H+ 4- NOj-" = Al+-^ + NO 4* 2 H 2 O 

2A1 4“ Fc20a = AlaOj 4" 2Fe 


2A1 4* 3 X 2 - 2AIX8 
2A1 4- 6S = 2 AI 2 S 3 
2A1 4- Ns = 2A!N 

6A1 4- 3CO = AUCs 4- AUO® 

18. Oxide and Hydroxide. — ^The oxide 
as conindum. When colored red it is called ruby, and 


Dilute nitric forms 
NH4+ 

Analogous reaction 
with many oxides 
and sulfides 
With halogens 
At high temperature 
Slowly at high tem- 
perature 

At high temperature 

occurs in nature 
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when blue, sapphire. The color in the former is due to a 
trace of chromium, while that of the latter is attributed to 
iron and titanium. When it contains magnetite, it is 
known as emery. Artificial corundum, made by fusing 
the precipitated hydroxide in an electric furnace, is sold 
under the name “alundum,” and artificial rubies and 
sapphires are now produced in large quantities. Corundum 
stands next to diamond and carborundum in hardness, 
and is used as an abrasive, and also in making refractory 
crucibles. The oxide is formed upon heating the hydroxide. 
Unless it has been ignited strongly, it will reabsorb water 
to form the hydroxide, and hence may be employed as a 
drying agent. 

Both the tri- and mono-hydrates of aluminum oxide 
occur in two crystalline modifications: a-Al203‘3H20, bay- 
erite; y-AUOs-SHjO, gibbsite; a-Al203*H20, diaspore; and 
7-Al203*H20, bohmite. The freshly precipitated gel appears 
to be hydrous 7-Al203*H20(HA102); upon aging this con- 
tains more or less of both of the tri-hydrates but the 
7-modification is the stable form at ordinary temperatures. 
Bauxite, Al20s*nH20 (formula indefinite) is the principal 
commercial ore. The hydroxide is amphoteric, and the 
following approximate values may be given for the basic 
and acidic dissociation constants: 

A1(0H)3 = A1+++ -f 3 OH- i? = 1.9 X 10-« 

A1(0H)3 = H+ -t- H2AIO3- (or AIO2- -H H2O) 

iiC = 4 X 10-«. 

The hydroxide is dissolved but slightly by ammonium 
hydroxide, especially in the presence of ammonium salt, 
to repress the concentration of hydroxide ion. The con- 
centrations of hydroxide and hydrogen ions involved in 
the precipitation and solution of the hydroxide are indi- 
cated in Fig. 2. Soluble carbonates, sulfides, acetates, 
cyanides, and other salts of weak acids precipitate alumi- 
num hydroxide by complete hydrolysis of both ions. 
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The pure oxide required for the electrolytic preparation 
of the metal is made from bauxite or other hydrated oxides. 
The mineral is first dissolved in sodium hydroxide to form 
a solution of sodium aluminate; and the hydroxide is then 
reprecipitated by passing in carbon dioxide, or by allowing 
the solution to stand in contact with crystallized Al(OH) 3 . 
In the latter case, the crys- 
tallized and insoluble form 
slowly precipitates (see Be- 
ryllium Hydroxide). Many 
attempts have been made to f 
prepare the pure oxide from i 
clay, but no commercial | 
process has yet been devel- I 
oped. " 

19. Aluminates. — Sodium 
and potassium aluminates 
are soluble but highly hydro- 
lyzed. Most of the alumi- 
nates are, however, insoluble. Fig. 2. Precipitation and solution of 
The meta aluminates of the hydroxide in alkali. 



-f 2 ions, M (AIO 2 ) 2 , occur as a mineral type known as spinels. 
Many complex aluminates exist, but few as simple ortho 
salts. The addition of ammonium hydroxide to a solution 
of aluminum and zinc salts precipitates aluminum hydroxide 
with some zinc aluminate. The formation of blue cobalt 
aluminate is mentioned under the analytical properties of 
aluminum. Calcium aluminate is an essential constituent 
of Portland cement (cf. XIV — 24). 

20. Halides. — The anhydrous halides may be prepared 
by the direct action of the halogen upon the metal, while 
solutions of the halides are formed by the action of the 
halogen acids upon the metal or hydroxide. Upon evapora- 
tion of the solutions, the halides may be obtained as highly 
hydrated compounds, e.g., AlCl3*6H20. When heated, the 
hydrates hydrolyze completely to the oxide and the halogen 
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acid, which is evolved. The anhydrous chloride is em- 
ployed as a catalytic agent in many organic reactions. 
It sublimes without melting at ordinary pressures, the 
sublimation temperature being 183 ° at 750 mm. The 
aluminum halide gas molecules have the double formula, 
AI2X6 and their structure may be represented as two 
tetrahedra of halide ions with an edge in common, and 
aluminum atoms at the centers of the tetrahedra. 


XXX 

\ / \ / 

A 1 A 1 

/ \ / \ 

XXX 


The halides form compounds with ammonia similar in 
nature to the hydrates, thus AlCU’dNHs forms at ordinary 
temperatures by the action of ammonia gas upon the salt. 
Aluminum fluoride exhibits strong tendencies to form 
complex salts, giving the radical, AlFe , as in cryolite, 
NaaAlFe. These compounds are analogous to the alumi- 
nate, and owe their stability to the large value of ee'l{r -f r') 
(cf. in — 7) for aluminum and fluoride ions. The tendency 
of the other halides of aluminum to form complexes de- 
creases with increasing weight. 

21 . Sulfates. — The sulfate, Al2(S04)sl8H20, may be 
crystallized with difficulty from solutions at ordinary 
temperatures. It is highly soluble, and gives an acid solu- 
tion by hydrolysis. A 0 . 2 SJkf solution is about 0.5 per cent 
hydrolyzed, assuming that the hydrolysis reaction is A 1 +++ 
-}- H2O = Al(OH)‘'^ -j- H'^. The sulfate is prepared from 
either bauxite or clay by treating with sulfuric acid. The 
latter reaction is: H2Al2(Si04)2’H20 + 3H2SO4 = Al2(S04)s 
-f 2H2Si04 -b H2O. The silicic acid is insoluble, and may 
be filtered off. 

With the alkali sulfates, except lithium, and with ammo- 
nium, silver, and thallous sulfates, aluminum sulfate forms 
isomorphous compounds of the general type, MAI ($04)2- 
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I 2 H 2 O, known as alums. The class is even more general, 
and the aluminum may be substituted by Fe+++, Cr+++, 
Mn"*^, Ti"'^'*', and other + 3 ions. The tendency of the 
alkali elements to form alums increases with increasing 
atomic weight; cesium forms more alums than the others 
and these are in general less soluble. The ammonium 
and potassium alums are the most important commercially. 
These alums are very soluble in hot water, but much less in 
cold, so that they may readily be purified by crystallization. 
Crystal structure data indicate that six of the water 
molecules form an octohedran about the aluminum ion 
and the other six water molecules occupy “cavities” in the 
lattice. 

The principal uses of aluminum sulfate and alum de- 
pend primarily upon the hydrolysis of the aluminum 
ion, and may be divided into two classes: (1) those de- 
pending upon properties of hydrogen ion, and (2) those 
depending upon the properties of aluminum hydroxide. 
In the first class may be mentioned the use in baking 
powder to furnish acid to cause the liberation of carbon 
dioxide. The same reaction is employed in certain fire 
extinguishers, in which solutions of alum are caused to 
react with solutions of sodium bicarbonate containing 
organic substances capable of forming very stable foams. 
To the second class belong the uses as a mordant in dyeing, 
and as a clarifying agent for water. Aluminum hydroxide, 
formed by the addition of sodium carbonate or lime to 
alum or aluminum sulfate, is a very good absorbent for 
certain dyes, and also attaches itself to the fiber, thus 
serving to bind the dye to the material. Mordants of 
this nature are frequently necessary in dyeing cotton goods. 
Certain dyes may also be adsorbed on aluminum hydroxide 
to form pigments known as “lakes.” The action of 
alum in water clarification is again due to the adsorption 
of suspended material by the gelatinous precipitate. Alum 
is also used in sizing paper and in fireproofing fabric. 
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When heated it loses water and some sulfur trioxide; the 
product, known as “burnt alum,” is used in medicine as 
an “astringent.” 

22. Ultramarine. — complex sodium aluminum silicate 
and sulfide occurs in nature as the mineral lapis lazuli. 
When ground, it constitutes the blue pigment, ultramarine. 
The pigment is now manufactured by heating a mixture 
of clay, sodium sulfate, and carbon, and is much used for 
laundry blue, as a water color, and in neutralizing yellow 
tones in linen, starch, paper, and granulated sugar. It is 
stable toward alkalies, but evolves hydrogen sulfide with 
acids. 

23. Other Compounds of Aluminum. — Aluminum sulfide, 
AI2S3, is formed by the reduction of metallic sulfides by 
aluminum at high temperatures. It is completely hydro- 
lyzed in water. Aluminum acetate, A1(C2H302) 3, has many 
uses similar to those of the sulfate. It may be prepared 
from the sulfate by metathesis with barium acetate. 
Eiaolin, the hydrated silicate, is further discussed under 
silicon. 

24. Analytical Properties of Aluminum Ion. — ^Aluminum 
ion is colorless, and has a slightly bitter astringent taste. 
It forms an insoluble amphoteric hydroxide as already 
discussed. The orthophosphate, AIPO4, is insoluble, and 
precipitates upon the addition of a soluble phosphate and 
ammonium hydroxide to aluminum ion. The separation 
of aluminum from other positive ions, and its identification 
as the hydroxide, is outlined in the general scheme of 
analysis (Append. VI). Precipitated aluminum hydroxide 
is often confirmed by moistening the precipitate with a 
drop of cobalt nitrate solution and igniting at red heat. 
A blue residue (cobalt aluminate) indicates the presence 
of eJuminum. The test is capable of detecting 0.2 mg. 
of aluminum. It is necessary in carrying out the test to 
have the aluminum oxide in excess, as otherwise the color 
observed is obscured by the black cobalt oxide. The test 
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is not satisfactory if sodium or potassium salts are occluded 
in the precipitate in any large amounts. 

The formation of a bright red lake (cf. Par. 21) -with the 
dye aluminon (NH4 salt of aurin tricarboxylic acid) may 
also be used to detect aluminum. A satisfactory method 
of carrying out the test is to use an aluminum free filter 
paper treated with a dilute solution of the dye and am- 
monium acetate. A drop of test solution is placed on the 
paper and held for a few seconds in the fumes from an am- 
monium hydroxide bottle. Red color indicates aluminum. 

Complex aluminates may be dissolved by fusion in a 
platinum dish with potassium acid sulfate or with sodium 
carbonate, followed by extraction with hydrochloric acid. 
Silica is removed by evaporating to dryness, boiling again 
with hydrochloric acid, and filtering. 

Aluminum is generally determined in quantitative anal- 
ysis by precipitating as the hydroxide and weighing as 
the oxide. 



Chapter VII 


SUBGROUP I. COPPER, SILVER, AND GOLD 

1. The elements of Subgroup I, copper, Cu (cuprum), 
silver, Ag (argentum), and gold, Au (aurum), differ mark- 
edly in properties from the elements of the main group. 
Unlike the alkalies they are “noble” metals and are not 
readily oxidized. This property may be correlated (cf. 
m — 6) with the higher boiling points of the metals, indicat- 
ing greater difficulty in separating their atoms from each 
other, and with the larger ionization potentials of the 
gaseous atoms (Table I). Their oxides, of the type M 2 O, 
are much less basic than the alkali oxides, a fact which is 
related to the smaller size of the ions (cf. Table I, also 
in — 7). These elements also form certain compounds in 
which they have oxidation states greater than -f- 1; in 
fact, the ions of -f 2 copper and -f 3 gold are in general 
more stable in respect to reducing agents than the ions of 
the -f- 1 state. The outer electron shell of the kernel is 
not of the noble gas type, but contains 18 electrons, and 
these higher states exist through the possibility of removing 
one or two electrons from this shell. This process is 
impossible in the case of the main group elements, since 
the energies of their kernel electrons are very much greater. 

2. The ions of the subgroup elements possess the prop- 
erty of forming very stable complexes, such as Cu(NH 3 ) 4 ''^, 
Ag(CN) 2 “, Audi", This property is in general strongly 
exhibited by all ions with more than eight electrons in the 
outer shell of the kernel, and may be considered as due to 
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the ability of these positive ions to form definite electron 
pair bonds. These complexes have been called coordina- 
tion compounds, and the number of groups or ions held 
by the positive ion is termed its coordination number. 
The electrons of the bond are of course supplied by the 
coordinating group. 


;N : 


H 

• • 

• • 

, , 

H :N :H 

C 

: Cl : 

H •* H 

Ag 

:C1 :Au :C1 : 

H:N: Cu :N:H 
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: Cl : 
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H : N : H 

:N ; 
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H 

cyanide ion 

Chloraurate ion 

Cupric ammonia ion 


Fluoride ion, which exhibits strong tendencies to form 
ionic complexes with the smaller ions such as aluminum, 
does not readily form complexes with the subgroup ele- 
ments, because its electrons are held so firmly that they are 
not readily shared in bond formation. The stability of 
the complexes and also the solubility of the compounds 
of the ions appear to be related to the electrical distortion 
or polarization of the negative ions. This relation is 
illustrated by the following comparison of the solubilities 
of a number of silver salts with the indices of refraction 
of the negative ions, which may be taken as a measure of 
the polarization. 



F“ 

o-- 


Br" 

r 

s — 

Solubility of silver 
salt moles/liter. . . 

13.5 

2 X 10-^ 

9 X 10-« 

6 X 10-’ 

1 X 10-8 

< 10-8 

Index of refraction 
of negative ion 
per g. atom 

2.5 

7.0 

9.0 

12.7 

19.2 

20.0 


Moreover, the interatomic distances correspond in gen- 
eral to those for covalent bonds (cf. Appendix) rather than 
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those for the ionic radii. Both the AuCh" and Cu(NH3)4++ 
given above are square planar structures instead of the 
customary tetrahedra, which result from a combination of 
5 and p orbitals. The square structures -are formed by a 
combination of one s, two p, and one d orbitals. 

3 . The basic nature of the oxide (comparing the + 1 
oxides) increases with increasing size of the atom, but the 
electropositive nature of the metal, i.e. ease of oxidation, 
decreases; gold being one of the most noble metals. The 
metals are all excellent electrical conductors. 

COPPER 

4 . Occurrence. — Copper frequently occurs in the free 
state. As a rule such deposits are small, but in the Lake 
Superior region masses of native copper have been found 
weighing many tons. The copper ores may be classified 
as: ( 1 ) sulfide ores, the more important being chalcopyrite, 
CuFeSz, bomite, approximately CuaFeSs, chalcocite, CuaS, 
and indigo copper, CuS; ( 2 ) oxidized ores, consisting of the 
oxides and their compounds with negative elements, such 
as cuprite, CuaO, melaconite, CuO, malachite, Cu2(OH)2- 
CO3, azurite, Cu3(0H)2(C03)2, chrysocolla, CuSi03*2H20, 
and atacamite, CuCla-SCuO'SHaO. The average percent- 
age of copper in igneous rocks is estimated as 1.0 X 10 “^. 

5 . Metallurgy. — ^The methods employed in winning cop- 
per from its ores vary greatly with the type of ore. With 
native copper the rock is crushed, the copper concentrated 
by mechanical methods, and the metal purified by melting 
with a flux to remove the remaining gangue. High grade 
oxidized ores are smelted by heating in a furnace with a 
mixture of coke and suitable fluxes. Low grade ores may 
be worked by extraction of the copper with ammonia or 
other solvents. About 70 per cent of the copper in the 
United States is produced from sulfide ores. The pro- 
cedure is somewhat complicated because the sulfide is not 
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TABLE I 

Atomic and Physical Properties 


Element 

Copper 

Silver 

Gold 

Symbol 

Cu 

Ag 

Au 

Atomic number . 

29 

47 

79 

Atomic weight ... . 

63.57 

107.880 

197.2 

Isotopes 

Number of electrons in various quantum 

63, 65 

107, 109 

197 

levels, 1st 

2 

2 

2 

2d 

8 

8 

8 

3d 

18 

18 

18 

4th 

1 

18 

32 

5th 

— 

1 

18 

6th 

— 

— 

1 

Color of metal 

red' 

silver 

yellow 

Density 

8.92 

10.5 

19.3 

Melting point, ° C 

1,083 

960.5 ! 

1,063 

Boiling point, ° C 

2,310 i 

1,950 i 

2,600 

Tensile strength, Ib./sq. in 

60,000 

42,000 

20,000 

Specific resistance at 20®, ohm/cm. X 10® . . 

1.72 

1.59 

2.44 

Ionization potential of gaseous atom, volts. . . 

7.68 

7.54 

9.18 

Radius of in solids, X 10® cm 

Potential of electrode, M = M‘*"(aq) -f- e~ 

0.96 

1.26 

1.37 

(hydrogen electrode = 0) 

- 0.522 

- 0.799 

ca-“1.68 


readily reduced, and also because of the difficulty in re- 
moving the large amount of iron which is always present. 
The steps in the process are (1) concentration of the ore 
(only with low grade ores), (2) roasting, (3) formation of 
“copper matte,” largely CujS and FeS, (4) reduction of 
the matte to “blister copper,” (5) refining of the “blister 
copper.” 

The concentration of low grade ores is now usually carried 
out by the “flotation” methods. The ore is ground with 
oil and water. The sulfide particles are wet by the oil 
and the earthy particles by the water. The mass is added 
to a larger amount of water containing a foaming agent 
and beaten or blown into a foam. The sulfide particles 
collect at the surface of the bubbles and are carried off 
with the foam, while the earthy particles, or “gangue,” 
settle to the bottom. It is claimed that the method will 
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remove as much as 95 per cent of the metal from an ore 
containing as low as 2 per cent copper. 

The roasting step serves to remove volatile oxides of 
arsenic and antimony, and to oxidize part of the sulfides 
to the metallic oxides and sulfur dioxide. The next step 
is the formation of the copper matte by heating the ore 
with addition of sand or calcium carbonate in the proper 
proportion to form easily fusible calcium silicate slag. 
This is carried out either in a reverberatory furnace in 
which hot flames of burning coal dust are played upon the 
surface of the charge, or in a blast furnace where a blast of 
air is blown through the charge. In the latter case coke 
is added to the mixture, and its combustion supplies the 
heat. The temperature is kept high enough to melt the 
charge, and the heavier mixture of the molten sulfides 
settles beneath the lighter slag. During the process some 
of the iron is removed as iron silicate, and some of the sulfur 
is oxidized to sulfur dioxide. The matte consists of cuprous 
and ferrous sulfides. The next step is now generally 
carried out in the so-called copper converter, a barrel 
shaped vessel provided with a number of blast pipes. Air 
is blown through the charge, to which sand has been added, 
and the ferrous sulfide is converted to ferrous oxide, 
which forms ferrous silicate: 2FeS -f 3 O 2 = 2FeO -[- 2 SO 2 , 
and FeO + Si02 = FeSiOa- When the iron sulfide is all 
oxidized, the blast is stopped and the slag poured off. 
The blast is then renewed and metallic copper formed by 
the oxidation of the sulfur: CU 2 S -h O 2 = 2Cu -|- SO 2 . The 
copper is poured into molds, and upon cooling evolves some 
dissolved sulfur dioxide, which gives the surface a “blis- 
tered” appearance. 

About 70 per cent of the blister copper in the United 
States is refined by the electrolytic method, wherein the 
crude metal is made the anode in a cell containing an acid 
solution of copper sulfate. A thin plate of pure coppejr 
serves as the cathode. By regulating the potential drop 
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across the cell, it is possible to dissolve copper and the baser 
metals at the anode, leaving behind the more noble metals, 
such as silver, gold, and platinum as an “anode sludge.” 
The difference in the electro-potential of copper and the 
base metals, iron, zinc, lead, and nickel, is sufficient so that 
in the acid solution copper is preferentially deposited at the 
cathode with a purity of approximately 99.9 per cent. 

In the older methods of refining blister copper, the metal 
is heated in a silica lined vessel, with agitation to bring 
about oxidation of the base metals by the air. The basic 
oxides then form a slag with the silica lining. The principal 
impurity now present is cuprous oxide which is soluble in 
molten copper; so after skimming off the slag, the metal is 
stirred with a pole of green wood, and the hot hydrocarbons 
liberated from the wood reduce the cuprous oxide. The 
process does not give as pure copper as the electrolytic 
method, nor does it render possible the recovery of the more 
noble metals. 

6. The Metal. — The more important physical properties 
are given in Table I. The yearly production of copper is 
over two million tons, of which the United States produces 
about 40 per cent. Its principal use, due to its high electrical 
conductivity and good ductility, is in electrical transmission. 
For this purpose it must be extremely pure, since the pres- 
ence of a few tenths of a per cent of certain impurities, es- 
pecially arsenic, greatly increases the resistance. Because 
of its high thermal conductivity and comparative inertness, 
it is used in boilers, water heaters, cooking utensils, steam 
pipes, etc. It is used in the electrotyping processes now 
generally employed in reproducing engravings and printing 
books. A plaster or wax cast is made of each page of type, 
the cast is coated with graphite to render it conducting, and 
copper is then deposited upon the cast electrolytically. The 
deposit of copper is then removed and strengthened by 
filling the back with lead. 

A summary of the composition of the more important 
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alloys of copper is given in Table II. Bronze is much harder 
than copper, and also more readily cast into molds. Alumi- 
num bronze resembles gold in color, and is used in gilt 
paint. Aluminum silicon bronze is quite resistant to cor- 
rosion and has a tensile strength about double that of pure 
copper. Brass foil is often used as a substitute for gold leaf. 
German silver, as its name indicates, resembles silver in 
appearance. It is a very poor conductor of heat. Phosphor 
bronze is employed in bearings. Constantan has a high and 
very reproducible thermoelectric force against copper, and 
the copper-constantan thermo-couple is used in the 
measurement of temperature. 

TABLE II 
Copper Alloys 

Brass 

Bronze 

Aluminum bronze 

Aluminum silicon bronze 

Phosphor bronze 

Manganese bronze 

Silicon bronze 

Gunmetal 

Bell metal 

Constantan 

Manganin 

German silver 


60-90 Cu, 10-10 Zn 
80 Cu, 15 Sn, 5 2n 

90 Cu, 10 A1 

91 Cu, 7 Al, 2 Si 

80 Cu, 10 Sn, 9 Sb, 1 P 
70-95 Cu, 5-30 Mn 
95 Cu, 5 Si 
90 Cu, 10 Sn 
78 Cu, 22 Sn 
60 Cu, 40 Ni 
82 Cu, 15 Mn, 3 Ni 
52-60 Cu, 25 Zn, 15-22 Ni 


TABLE III 


Reactions of the Metal 


2 Cu 4- O 2 = 2 CuO 
4Cu 4“ O 2 = 2 Cu 20 
Cu + F 2 - CuF 2 

2Cu 4- S =* CU 2 S 

Cu 4- 2H+ 4- IO 2 = Cu++ 4 - H 2 O 
Cu 4- 4NH8 4- iOa 4- H 2 O - Cu(NH3)4(OH)2 
2Cu + O 2 4- CO 2 + H 2 O « Cu 2 C 03 ( 0 H )2 
Cu 4- 2 H 2 S 04 « CUSO 4 4- SO 2 4- 2 H 2 O 
Cu = Cu++ 4- 2e- 


Rapid at about 300° 

At about 1,000® 

Also with CI 2 and Br 2 . I 2 
forms Cul. 

Upon heating. Also with 
Se, Te, P 

With any acid not too weak 

Corrosion in air 
Hot cone, acid 
In general with oxidizing 
agents of potential greater 
than — 0,34 volt, e.g. 
HNO3 
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7. Oxidation States. — Copper forms compounds in which 
its oxidation state is + 1 (cuprous), + 2 (cupric), and (a 
few unstable compounds) + 3. Important potential values 
dealing with the oxidation and reduction of cuprous and 
cupric compounds have been summarized in Table IV. 

TABLE IV 

Oxidation Reduction Potentials of Copper 


VOLTSjs” 

Cu + 2S“ = CujS + 2e- + 0.9S 

Cu + S— = CuS + 2e- + 0.76 

2Cu + 20H- = CusO + HiO + 2e- + 0.36 

CNS- + Cu = CuCNS + e- + 0.27 

Cu + 20H- = Cu(OH)s + 2e~ + 0.21 

Cu + I- = CuI + e- +0.19 

2NH, + Cu = Cu(NH 3)2+ + 2e- +0.11 

CusO + 20H- + H2O = 2 Cu(OH )2 + 2e- + 0.09 

4NH3 + Cu = Cu(NH 3)4++ + 2e- +0.05 

Cu + Br- = CuBr + 6" - 0.03 

Cu + Cl- = CuCl + e- - 0.12 

Cu+ = Cu++ + e- -0.17 

Cu = Cu++ + 2e- -0.34 

Cu = Cu+ + «- -0.52 

CuCl = Cu++ + Cl- + e- - 0.57 

Cul = Cu++ + I- + e- -0.88 

Cu++ = Cu+++ + e- -1.8 


In the case of soluble salts giving the ions Cu+ and Cu++, 
it is easier to oxidize the metal to the cupric state than to 
the cuprous, and this also means that the equilibrium, 
2Cu'*' = Cu + Cu’*’"'', favors the reactions as written: e.g. 
cuprous nitrate will decompose into cupric nitrate and cop- 
per. Also the reduction of cupric ion in such solutions will 
yield the metal and not cuprous ion. 

However, cuprous ion forms many very slightly soluble 
salts and very stable complex ions, and with many of these 
the above equilibria are reversed. The following are a num- 
ber of important examples: 

(a) Halides. Cupric chloride and bromide are reduced, 
e.g. by electrolysis or by the metal, to the cuprous salt. 
The addition of iodide to cupric ion results in the liberation 
of iodine: Cu'*"*' + 21“ = Cul -t- |l 2 . 
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(b) Cyanide. Cupric ion and cyanide give cuprous cya- 
nide ion and cyanogen (or cyanate in ammonia solutions) : 
2Cu+‘'' 4- 8CN~ = 2 Cu(CN )3 -f- C2N2. This complex is 
so stable that the metal will dissolve in hydrogen cyanide, 
in spite of its weakness, with the evolution of hydrogen: 
Cu + 3HCN = H2 Cu(CN )3 -h fHa. 

(c) Oxide. The reduction of cupric compounds in alka- 
line solution gives cuprous oxide, CU2O. This is the basis 
for the common test for sugar (specifically dextrose). An 
alkaline solution of copper sulfate and Rochelle salts, 
NaKC4H4064H20, known as Fehling’s solution, will give 
a red coloration with extremely small quantities of dex- 
trose, due to the precipitation of CU2O. 

(d) Reduction upon Heating. Cupric compounds are in 
general unstable in respect to the cuprous upon heating. 
2CuO = CU2O -f IO2. The partial pressure of oxygen be- 
comes appreciable above 900° C. However, the two oxides 
appear to form a solid solution in each other so that the 
partial pressure depends both upon the temperature and the 
concentration of the two oxides. Cupric sulfide decomposes 
at red heat: 2CuS = CU2S -|- S. The cupric halides decom- 
pose according to the equation: 2CuX2 = 2CuX -f- X2. 
Cupric fluoride decomposes around 500°, and the chloride 
and bromide at somewhat lower temperatures. The iodide 
is not stable even at room temperatures. 

7. Powerful oxidizing agents, in alkaline solution, oxidize 
copper to the -|- 3 state, probably forming CUO2". The 
calcium salt may be precipitated. This compound is very 
unstable; it tends to evolve oxygen and it reacts readily 
with reducing agents. 

8. Cuprous Ion and Cuprous Compounds. — Cuprous 
compounds are prepared from the cupric by methods based 
upon the reactions discussed in the preceding paragraph. 
The ion, and in general its complex ions, are colorless. The 
oxide occurs in nature. It has a fine red color, and for that 
reason is employed in making ruby glass and in coloring 
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porcelain. For the arrangement of the ions in the crystal 
lattice sec Appendix V. It is insoluble in water and alkalies. 
Alkalies precipitate yellow orange hydrous cuprous oxide 
from cuprous compounds. Upon heating, it is transformed 
to the red modification. It reacts with sulfuric, nitric, and 
hydrofluoric acids to give copper and the cupric salt. It 
dissolves in ammonia, alkali cyanide, and hydrochloric 
acid to form the complex ions: Cu(NH3)2''', Cu(CN)3 — , and 
CuCla”. The cuprous chloride and ammonia solution is 
oxidized by oxygen to the cupric compound, and advantage 
is sometimes taken of this in removing oxygen from gas: 
2 Cu(NH3)2+ + 2NH4OH + IO2 = 2Cu(NH3)4++ + 20 H- 
+ H2O. The chloride, bromide, and iodide are slightly 
soluble in water, the solubility decreasing in the order given, 
as with the corresponding silver halides. They are all solu- 
ble in excess of the halide ion: e.g. CuBr -|- Br“ = CuBr2“. 
The chloride is hydrolyzed in boiling water: 2CuCl -|- H2O 
= CU2O -f 2 H’^ -f 2 C 1 ~. A solution of chlorocuprous acid, 
HCuCl2, is employed in gas analysis to absorb carbon mon- 
oxide. The reaction is apparently due to the formation of 
a rather unstable carbonyl cuprous chloride, CuCbCO 
•2H2O. A solution of cuprous ammonia carbonate is some- 
times employed in place of the chloride for the same pur- 
pose. The chloride is soluble in cyanide and in ammonia, 
with the formai^ion of the complex ions. The cyanide ion, 
Cu(CN)8 , gives the smallest concentration of cuprous ion 
of any of the cuprous compounds. Cuprous sulfide is formed 
by heating together copper and sulfur, by roasting cupric 
sulfide, and by reduction of cupric sulfide by hydrogen. It 
may also be precipitated from a solution of chlorocuprous 
acid by the action of hydrogen sulfide. It is soluble in hot 
nitric acid with the oxidation of both the copper and sulfur. 
Cuprous thiocyanate, CuSCN, is also insoluble. 

9 . Cupric Ion. — Cupric ion in dilute aqueous solution 
probably exists as Cu(H20)4''^. and the characteristic blue 
color of its solutions is probably due to this complex. Its 
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most important slightly soluble compounds are the black 
oxide, CuO; the green hydroxide, Cu(OH) 2 ; the green basic 
carbonate, Cu 2 C 03 ( 0 H) 2 : the black sulfide, CuS; and red- 
brown ferrocyanide, Cu 2 Fe(CN) 6 . The most important 
complex ions are the deep blue cupric ammonia, 
Cu(NH 3 ) 4 ''~’'; chlor and brom cuprates, CuCh , CuBr 4 
(respectively green and brown) ; and tartrate, Cu- 
(C4H406)2 — . The soluble cupric salts of strong acids are 
all slightly acid by hydrolysis. 

10. Cupric Oxide and Hydroxide. — The addition of hy- 

droxide ion to a cold solution of cupric ion gives a light 
bluish green gelatinous precipitate of the hydroxide, but in 
hot solutions the black oxide is formed. The oxide does not 
absorb water to form the hydroxide. The hydroxide is a 
weak base. Cu(OH )2 = Cu"*^ -f 20H~, K = 5.6 X 10~“. 
It is not soluble in dilute alkalies, but does dissolve some- 
what in 6N to 18iV NaOH, forming deep blue solutions of 
cuprate, Cu(OH )2 + 20H- = CuOj— + 2 H 2 O, K ^ 2 

X 10~®. The sodium cuprate, Na2Cu02, may be precipi- 
tated from the concentrated alkaline solutions. The 
hydroxide is soluble in ammonium hydroxide, forming the 
complex ammonia ion, and in tartrate, forming the com- 
plex tartrate (Fehling’s solution). The oxide is also formed 
by heating the carbonate or nitrate. At moderately high 
temperatures, it oxidizes hydrogen, forming water and cop- 
per. In quantitative organic analysis, mixtures of the oxide 
and organic compound are heated to effect the oxidation of 
the combined carbon and hydrogen to carbon dioxide and 
water. 

11. Cupric Halides. — The fluoride, chloride, and bromide 
are readily soluble. As mentioned above, the iodide is un- 
stable. The concentrated solution of the chloride is green, 
and of the bromide, brown. The color appears to be due to 
existence of part of the copper in the complex ions, CuCh 
(green), and CuBr 4 (brown). Upon electrolysis, copper 
moves toward both the cathode and anode. When the con- 
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centrated solutions are diluted, the blue of the Cu(H20)4++ 
again predominates. The solid halides absorb ammonia gas 
to form compounds, such as CuCU-dNHa. These compounds, 
of course, give the complex ammonia ion upon solution. 

12. Cupric Sulfate. — The sulfate is the most important 
copper salt. The anhydrous salt is colorless, but it readily 
absorbs water to form the blue pentahydrate, CUSO4 
•SHaO, known as “blue vitriol.” The five molecules of 
water of hydration may be successively replaced by am- 
monia. The sulfate is prepared commercially by roasting 
the sulfide, either to form the sulfate, which may be ex- 
tracted with water, or to form the oxide, which may be dis- 
solved in sulfuric acid. A 0 . 2 N solution is 0.057 per cent 
hydrolyzed at 25° C. From solutions of copper sulfate and 
the alkali sulfates, double salts, such as K2Cu(S04)26H20, 
may be crystallized. Upon slow addition of alkali to copper 
sulfate solution, a number of insoluble basic sulfates are 
formed, for example, Cu6(S04)2(0H)62H20. Basic sulfates, 
made by mixing copper sulfate and slaked lime, are used 
under the name of “Bordeaux mixture” as a fungicide. 
Copper sulfate is used in calico printing, in electroplating, 
and electrotyping, and as an electrolyte in the gravity 
battery. Copper is very poisonous to lower organisms, es- 
pecially algae, and is used in swimming pools and water 
works to prevent the growth of such organisms. 

13. Cupric Sulfide. — The brownish black sulfide is pre- 
cipitated from cupric solutions by the action of hydrogen 
sulfide, even in the presence of high concentrations of acid. 
When precipitated from neutral solution, it may contain 
some cuprous sulfide. It is soluble in hot 2 N HNO3 because 
of the oxidation of the sulfur, and in cyanide ion because of 
the formation of Cu(CN)3 • The sulfide is slightly soluble 
in ammonium polysulfide, probably through the formation 
of thiocuprates. 

14. Other Cupric Salts. — ^The nitrate crystallizes as blue 
hexahydrate. Because of the smaller solubility of the hy- 
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droxide, the normal carbonate does not exist, but two basic 
carbonates, azurite, Cu3(C03)2(0H)2, and malachite, Cu2- 
C03(0H)2, occur in nature. The latter is the green coating 
which forms on copper vessels through the action of oxygen 
and carbonic acid of the air. A basic acetate, verdigris, 
Cu 3(C2H302)4(0H)2, is used as a green pigment. It is 
formed by the action of air upon copper in the presence of 
acetic acid. A mixed acetate and arsenite, Cu4(C2H302)2- 
(As 03)2, Paris green, is used as an insecticide. Copper 
ferrocyanide, Cu2Fe(CN)6, may be formed as a brown 
gelatinous precipitate. It has been used in the preparation 
of semi-permeable membranes for studying osmotic pres- 
sure. Copper phosphate, Cu3(P04)2, is insoluble and is 
precipitated, together with basic phosphates, upon the addi- 
tion of diammonium phosphate to a solution of copper 
sulfate. 

16 . Analytical. — Copper is recognized qualitatively by 
the intense blue color of the ammonia complex, and by the 
precipitation of the sulfide by hydrogen sulfide in acid 
solution. Nickel also gives a blue ammonia complex, but its 
sulfide is not precipitated in acid solution. A strip of iron 
in a not too acid copper solution will be coated with metallic 
copper. This is frequently a convenient and delicate test. 
The detailed methods of separation are indicated in Ap- 
pendix VI. Copper is often determined quantitatively by 
the electrolytic precipitation of the metal in acid solution 
upon an accurately weighed cathode. This method affords 
a separation from the baser metals as well. A number of re- 
actions are of importance in quantitative determinations. 
(a) 2 Cu+‘'' + 51 “ = 2 CuI -|- Is". The liberated iodine is 
titrated with standardized thiosulfate. Other oxidizing 
agents such as ferric ion must be removed. (&) 2 Cu- 
(NH 3 ) 4 ++ + 7 CN- + H2O = 2 Cu(CN) 3 “ + CNO- 
-I- 2NH4+ -f 6NH3. The ammonia solution is titrated with 
standardized cyanide to the disappearance of the blue color. 
This method is not as accurate as the iodide reaction. 
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(c) 2Cu++ + 2CNS- + SO2 + 2H2O = 2CuCNS + 4H+ 
+ SO4 . The precipitate may be ignited and weighed as 
CU2S, or titrated with iodate in the presence of concen- 
trated hydrochloric acid: 4CuCNS -f 7I03~ + 14H'i' -f 
14C1- = 4Cu++ -f 4S0r + 7ICI2- + 4HCN -H SHaO. 

SILVER 

16. Occurrence. — Native, or free silver is an important 
source of the element. It is usually alloyed with other of the 
noble metals. The most important naturally occurring com- 
pound is the sulfide, argentite, or silver glance, Ag2S. It 
frequently occurs in solid solution with copper and lead 
sulfide, and as the sulfo-antimonite, AgsSbSs, and arsenite, 
AgsAsSs. The selenides and tellurides also occur. Silver 
chloride, AgCl, called horn silver, is an ore of some im- 
portance, and often contains the bromide and iodide in 
small amounts. The sulfate also occurs, being formed 
through the oxidation of the sulfide. The average percent- 
age of silver in igneous rocks is estimated as 10“®. 

17. Metallurgy. — The recovery of silver from copper ores 
has been mentioned. Much of the lead smelted from lead 
sulfide contains silver. This is now recovered by Parke’s 
process, which is essentially an extraction of the silver from 
the molten lead by means of zinc. Solid zinc is but slightly 
soluble in lead at temperatures just above the melting point 
of the latter. However, silver at these temperatures is 
about 3,000 times more soluble in the zinc than in the mol- 
ten lead. Hence zinc in small amounts, usually 0.8 to 1.5 
per cent, is stirred with the molten lead, and the greater 
portion of the silver is extracted. The zinc is removed from 
the silver by distillation. The small amount of lead present 
is removed by oxidation and absorption of the lead oxide on 
a cupel of bone ash. 

The extraction of silver from comparatively pure silver 
ore is accomplished either by (1) amalgamation, or (2) 
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leaching processes. The first depends upon the conversion 
of silver sulfide into chloride by copper chloride, Ag 2 S 
+ Cu+‘'' + 2C1~ = 2AgCl + CuS; and the decomposition 
of the chloride by mercury, AgCl + Hg = Ag (amalgam) 
+ HgCl. The silver is recovered from the amalgam by dis- 
tillation of the mercury. 

A number of leaching processes have been employed. A 
sulfide ore may be roasted to convert the sulfide into sulfate, 
which may then be extracted with water. Or the sulfide 
may be roasted with salt to convert it into chloride, which 
is then leached, either with concentrated brine, the solu- 
bility being due to the formation of AgCla", or with thiosul- 
fate, forming the complex Ag(S 203)2 . However, solu- 

tions of the alkali cyanides are now generally employed, as 
the metal and all of its compounds are readily dissolved by 
this reagent in the presence of air: 4Ag -|- 8CN~ -|- O 2 
-|- 2 H 2 O = 4Ag(CN)2’~ H” 40H~; Ag2S -1- 4CN~ -t- IO 2 
+ H 2 O = 2Ag(CN)2- + S -f 20H-; AgCl -b 2CN- 
= Ag(CN) 2 “ + Cl“. The silver is precipitated from the 
cyanide solution by zinc or aluminum. 

18. The Metal. — The more important physical constants 
have been given in Table I. Silver is the most lustrous of 
all the metals. In thermal and electrical conductivity it also 
ranks among the first. It is but little inferior to gold in 
malleability and ductility. Silver melted in air always has 
a blistered surface upon cooling, due to the evolution of 
dissolved oxygen during solidification. The solubility of 
oxygen under 1 atmosphere pressure at the melting point is 
20 volumes per volume of the metal. The cooled solid 
silver still contains 0.7S volume of oxygen. 

The annual production of silver is about 9,000 tons. 
Silver coins are generally 90 per cent silver with 10 per cent 
copper to increase the hardness. Jewelry usually contains 
20 per cent of copper. The electroplating industry consumes 
a large proportion of the metal produced. The object to be 
coated is made the cathode in a cell containing a solution 
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TABLE V 

Reactions of the Metal 

2A% + iOt = AgiO At 200° with O 2 under 

pressure 

2Ag + X 2 = 2AgX X denotes any halogen 

2Ag + S = Ag 2 S Also with Se and Te 

2Ag + 2 H 2 SO 4 = Ag 2 S 04 + SO 2 + 2 H 2 O Hot concentrated acid 

2Ag + 2H+ + 2C1“ + iOz ^ 2AgCl + H 2 O 
2Ag + H 2 O + 4CN“ + iOi « 2Ag(CN)2“ + 20H~ 

Ag =5 Ag"** +• e“" See oxidation reduction 

table 


of sodium silver cyanide, NaAg(CN) 2 , as electrolyte. The 
cyanide complex, which gives a very low concentration of 
silver ion, yields a much firmer deposit than solutions hav- 
ing a higher concentration of the silver ion. Frosted silver 
ornaments are obtained by roasting the object, made of the 
ordinary silver-copper alloy, to oxidize the copper on the 
surface to the oxide ; this is dissolved in sulfuric acid, leav- 
ing a layer of pure white silver. Silver mirrors are formed 
by precipitating the metal from a highly alkaline solution 
containing the silver ammonia complex ion by the aid of 
some organic reducing agent, such as glucose or formalde- 
hyde. Approximately 150 tons of silver are used yearly in 
the production of photographic supplies. 

19. Stability of Silver Compounds. — ^Silver ion is color- 
less. It forms such a very large number of slightly soluble 
salts and complexes that it is desirable to systematize the 
chemistry of these substances by arranging the more im- 
portant in a list in order of decreasing concentration of silver 
ion in equilibrium with the solid or complex ion, and a lilf 
concentration of the ion or complex forming molecule. For 
salts of the types AgzX or AgY this is not necessarily the 
order of the solubility in pure water because of the square 
of the Ag"^ concentration enters into the constant for the 
AgaX. The order is Ag 2 S 04 , AgAc, AgN02, Ag 2 C 03 , 

Ag2C204, Ag2Cr04, Ag(NH3)2+, Ag20, Ag(S03)2 , AgCl, 

AgCNS, AgBr, Ag(S 203)2 , AgCN, Agl, and Ag 2 S. Any 
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substance in the list may be formed at the expense of any 
substance preceding it. Thus silver iodide may be formed 
from the chloride: AgCl + 1“ = Agl + Cl~. Substances 
which are close together in the list may be present together 
in equilibrium at appreciable concentrations of both. Thus 
silver bromide is partially soluble in ammonium hydroxide, 
and the reaction is easily reversible, depending upon the 
concentration of ammonia and bromide. The dissociation 
constant for the ammonia complex ion is, (Ag"^) (NH4OH) V 
(Ag(NH3)2+) = 6 X 10-8. 

The silver halides are soluble in excess of the halide ion 
to form the complex ions AgKi~, and AgXs but they have 
not been included in the list because of the more compli- 
cated equilibria. 

The potentials of a number of silver complex ions and 
solids as oxidizing agents are given below. The decrease in 
oxidizing power is, of course, due to the decrease in con- 
centration of silver ion. 


Ag=Ag+ + e- -0.799 

2Ag + SO 4 " = AgaSOd + 2er - 0.6S 

Ag -t" CaHaOa” = AgCaHaOa + — 0.64 

2Ag -|- CaO* AgaCa04 -j- 2e“ — 0.47 

2Ag -1- COj- = AgaCOa -I- 2e- - 0.46 

Ag + lOa" = AglOa + e- - 0.37 

Ag + 2NH, = Ag(NHa)a+ + e" - 0.37 

2Ag -|- 20H“ = AgaO + HaO H- 2e~ — 0.344 

Ag -I- Cl- = AgCI + e- - 0.222 

Ag -t- CNS- = AgCNS + e- - 0.09 

Ag -t- Br” = AgBr -i- e” — 0.07 

Ag + CN- - AgCN +e- -|- 0.04 

Ag 4- 1" = Agl + «- 4-0.15 

Ag -I- 2CN- = Ag(CN)a- + e- -f. 0.29 

2Ag + S" = AgaS -f- 2e- -f 0.71 


20. Silver Oxide. — ^The brown oxide, AgaO, is precipi- 
tated by the addition of soluble alkalies to silver ion. The 
solid hydroxide is unstable and exists only momentarily. 
The oxide decomposes at comparatively low temperatures; 
the partial pressure of oxygen reaches 1 atmosphere at 
184° C. However, the rate of decomposition does not be- 
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come rapid until the oxide is heated much above this tem- 
perature. The decomposition is catalyzed by metallic silver. 
The oxide is distinctly basic in its reactions. It reacts with 
as weak an acid as carbonic to form the normal carbonate, 
AgzCOs. As indicated above, the oxide is soluble in a large 
number of reagents with the formation of complex ions. 
The silver ammonia hydroxide, Ag(NH3)20H, is a soluble 
strong base. Upon standing, the alkaline solution forms a 
highly explosive nitride, probably AgsN or AgaNH. 

21. Silver Halides. — Silver fluoride is extremely soluble 
and forms a number of hydrates. The solubility of the other 
halides is very slight, decreasing with increasing molecular 
weight. Their solubility in various reagents has been in- 
dicated above. The solubility in excess halide to form the 
complexes, such as AgCl^", requires a fairly high concen- 
tration of the halide. The chloride and bromide are not 
oxidized by nitric acid, but the iodide is. The halides form 
a number of solid ammoniates, such as AgCl-SNHs. Silver 
chloride, however, is not very soluble in liquid ammonia. 
The photochemical properties of the halides are discussed 
under the subject of photography. The chloride and bro- 
mide have the so-called “sodium chloride” arrangement of 
the ions in the crystal, while the iodide has two forms, one 
the zinc oxide and the other the zinc sulfide arrangement 
(Append. V). The fluoride and chloride are colorless, but 
the bromide is light yellow and the iodide a deeper yellow. 
Silver chloride may be separated from the bromide by 
taking advantage of the difference in solubility in am- 
monia. A solution containing 32 g. of ammonia and 20 g. 
of silver nitrate per liter will dissolve the chloride, but not 
appreciable amounts of the bromide. 

22. Silver Cyanide. — Silver cyanide is precipitated by 
addition of cyanide, and forms the complex ion, Ag(CN) 2 ~ 
or Ag(CN) 3 — , with excess of cyanide. The role of the silver 
cyanide complex ion in metallurgy and silver plating has 
been discussed. The complex gives the smallest concentra- 
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tion of silver ion of any of the silver compounds except the 
sulfide. From the electropotential given above it is evident 
that, in the presence of cyanide, silver is a powerful reduc- 
ing agent. 

23. Silver Nitrate. — The nitrate is prepared commer- 
cially by the action of nitric acid upon silver. The salt is 
extremely soluble. Its melting point is remarkably low, 
about 200° C. ; cast into sticks it is used in medicine under 
the name of lunar caustic. At red heat, it is decomposed 
into metallic silver, oxygen, nitrogen, and nitrogen oxides. 
Many organic substances reduce it to finely divided metallic 
silver, as, for example, the black stains produced by the 
action of the salt upon the skin. 

The salt is important in the preparation of other silver 
compounds. In dilute solutions it is used as an antiseptic, 
and in more concentrated solutions as a caustic. It is also 
used in indelible inks, especially in laundry markings. 

24. Silver Sulfide. — The sulfide is the least soluble of all 
the silver salts. It is formed as a black precipitate by hy- 
drogen sulfide, even in highly acid solutions. It is more 
stable toward decomposition upon heating than the oxide. 
Strong oxidizing agents dissolve it due to the oxidation of 
the sulfur. It is also somewhat soluble in concentrated 
cyanide ion. In the presence of air the reaction proceeds 
through the removal of the sulfide by oxidation to free 
sulfur. Metallic silver dissolves slowly in hydrogen sulfide 
with the evolution of hydrogen, 2Ag •+• H 2 S = Ag 2 S -f H 2 , 
in accord with the large positive value for the Ag — Ag 2 S 
couple as given above. 

25. Other Silver Salts. — In addition to those given above, 
the following slightly soluble compounds may be mentioned : 
the phosphate, Ag 3 P 04 ; arsenite, AgsAsOs; arsenate, 
AgsAs 04 ; ferricyanide, AgsFe(CN)6; and dichromate, Ag 2 - 
Cr 207 . Silver rutrite, AgN02, is but moderately soluble, 
and upon standing in contact with the solution decomposes 
according to the equation: 2AgN02 = Ag -t- Ag+ + NOr 
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+ NO. The reaction is reversible. Silver ion also forms 
alums, such as AgAl(S04)rl2H20. 

26 . Photography. — ^The silver halides, as well as the 
cyanide, show marked changes when exposed to light, es- 
pecially that of the violet region of the spectrum. There is 
a change in color; white silver chloride, for example, be- 
comes a deep greyish blue, and is decomposed into silver 
and the halogen. Many investigators have claimed the 
formation of subhalides, such as AgzCl or Ag4Cl3, but it 
seems more probable that the action of the light is to cause 
an electron of the halide ion to pass more or less completely 
back to the silver without at first disrupting the crystal 
lattice of the ions. The result is essentially a solid solution 
of silver and atomic halogen in the halide, which, upon 
further exposure, slowly decomposes with evolution of the 
halogen. The halide which has been thus “activated” by 
light is acted upon much more readily by reducing agents 
than is the unexposed halide. 

These photochemical reactions are the basis of the ordi- 
nary photographic processes. These may be divided into 
the following steps: preparation of the plate or film, ex- 
posure, development and fixation of the negative, and 
preparation of the positive, or print. 

Dry plates or films are prepared by coating glass or 
celluloid with a colloidal suspension of silver bromide or 
chloride in gelatine. The operation must, of course, be 
carried out in the dark or in faint red light. The size of the 
particles of the silver halide affects the sensitivity of the 
plate to light; hence the suspension is warmed and al- 
lowed to “ripen” until the desired size of the grains is 
acquired. 

The plate or film is exposed by projecting upon it mo- 
mentarily an illuminated image. It is then developed by 
placing in a bath containing a reducing agent (various 
phenols, such eis pyrogallol, metol, and hydroquinone are 
usually employed). The rapidity of reduction of the silver 
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halide is proportional to the intensity of illumination falling 
upon it; and as a result the image on the plate is the “nega- 
tive” of the original in that the bright portions are repre- 
sented by heavy deposits of silver and the dark portions by 
faint deposits. The action of the reducing agent is stopped 
when the proper contrast is obtained, and the plate “fixed” 
by dissol-ving out the unreduced silver halide with sodium 
thiosulfate solution (“hypo”). 

The process of printing is essentially the same as making 
the negative, but since the sensitized paper is illuminated 
through the negative, the image is again reversed, and now 
appears with the light and dark portions corresponding to 
the original. On the slower papers silver chloride suspen- 
sion in albumen is used, while the faster papers employ 
silver bromide in gelatine. The print may be toned by 
treating with solutions of sodium chloraurate, NaAuCU, or 
potassium chlorplatinite, K 2 PtCl 4 , which replace the pre- 
cipitated silver by gold or by platinum. The former gives a 
red tone, and the latter dark grey. 

“Orthochromatic” and “panchromatic” plates, more 
sensitive to the red, yellow, and green light, are prepared 
by adding to the gelatine various dyes, which absorb these 
longer wave lengths and thus utilize their energy for the 
activation of the silver halide. 

27. The + 2 and -f 3 Oxidation States. — Ozone acts 
upon solutions of Ag+ forming AgO+ and Ag++, probably by 
the following steps: 

Ag"*" -1-03 = AgO"*" -1- O 2 

Ag+ + AgO+ 4- 2H+ = 2Ag++ -f- H 2 O 

At equilibrium the ratio of Ag++/AgO+ is quite large. The 
solutions are highly unstable as the ions oxidize water 
readily with the evolution of O 2 . Powerful oxidizing agents 
in alkaline solution form AgO and Ag 203 . The approximate 
values for the standard potentials are : 
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VOLTSas” 

Ag+ = Ag++H-e- -1.98 

Ag++ + Hs,0 = AgO+ + 2H+ + e- ca - 2.1 

20H- + Ag20 = 2AgO + HaO + 2e- -0.57 

20H~ + 2AgO == AgaOa + HjO + 2e~ — 0.74 


28. Analytical. — Silver is detected by the precipitation of 
the chloride, insoluble in nitric acid, but soluble in am- 
monium hydroxide. It may be distinguished from the 
slightly soluble lead and mercurous chlorides by the fact 
that the former is soluble in hot water, but not in ammonia, 
while the latter turns black with ammonia. Silver is de- 
termined gravimetrically by precipitating and weighing as 
the chloride, bromide, or as the metal precipitated electro- 
lytically. Silver may be titrated volumetrically with a solu- 
tion of thiocyanate. Ferric ion is used as an indicator, since 
the deep red ferric thiocyanate is less stable than the silver 
salt, and the red color appears only when the silver has 
been almost completely precipitated. Silver is also titrated 
in dilute nitric acid with a standardized solution of alkali 
chloride or bromide, by taking advantage of the coagulation 
and settling of the precipitate with sufficient rapidity to 
permit the observation of any precipitate produced by fur- 
ther addition of the halide. 


GOLD 

29. Occurrence. — Gold is found in nature as the free 
metal, as the telluride, AuTca, and also as complex tel- 
lurides, e.g. AuAgTe 4 . The sulfide, selenide, or chloride do 
not occur. Sea water contains gold to the extent of 0.01 
to 0.3 part per million. The name reef gold is given to the 
deposits of gold occurring in quartz veins. Upon the 
weathering of the auriferous rocks, the gold has been 
washed into sand and gravel beds to form alluvial or placer 
deposits. Native gold nearly always contains silver and the 
platinum metals. 
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30. Metallurgy. — The richer deposits of gold have been 
worked for centuries by methods which recovered only the 
larger particles of the metal and which could not be applied 
to low grade ores. The crude methods of placer mining 
have been the simple agitation or washing of the gravel with 
water to bring about a separation of the heavy gold particles 
from the lighter materials. The use of mercury as an aid in 
the process by the amalgamation of the metal was probably 
introduced as early as 500 B.c. 

The modem metallurgy of gold is quite similar to that of 
silver. Gold in copper and lead ores is recovered, along with 
the silver, by methods already discussed. The separation of 
the gold from the silver is known as “parting,” and is 
usually carried out either by electrolytic methods or by the 
use of solvents, such as concentrated sulfuric or nitric acids, 
which dissolve the silver by oxidation, but not the gold. In 
the former case the impure metal is made the anode, with a 
solution of chlorauric acid as electrolyte. Pure gold deposits 
on the cathode. Silver is precipitated as the chloride to- 
gether with the platinum metals in the anode mud. If 
excess silver is present, the electrolyte may be silver nitrate 
solution, in which case gold remains as sludge at the anode 
and silver deposited on the cathode. 

The introduction of the cyanide process by Macarthur 
and Forest about 1890 has contributed enormously to the 
world’s gold supply through rendering available for com- 
mercial treatment low grade ores and also “tailings” from 
the amalgam process. The potential of the half reaction, 
Au -f 2CN" = Au(CN) 2 " + e“, is about -1- 0.6 volt, that 
is, the gold in the presence of cyanide is a good reducing 
agent; hence by treating gold ore with a dilute cyanide 
solution in the presence of air, the metal is easily oxidized 
by the oxygen: 4Au + 8CN“ -1-02 + 2 H 2 O = 4Au(CN)2~ 
+ 40H~. Hydrogen peroxide appears to be formed as an 
intermediate step (cf. IH — 4). The reaction is not rapid and 
requires a number of days. The gold is precipitated from 
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the solution by zinc or by electrolysis. High grade ores, 
after being pulverized in a mill, may first be washed over 
amalgamated copper plates to remove the larger gold 
particles which do not dissolve rapidly in the cyanide. The 
amalgam is scraped off the plates, and the gold recovered 
by distillation of the mercury. 

31. The Metal. — ^The more important physical properties 
are given in Table I. Gold is the most malleable and ductile 
of all metals. It may be rolled into sheets 0.00001 mm. thick 
and drawn into wire which weighs but 0.0005 g. per meter. 
The world’s yearly production is about 1,000 tons. The gold 
used in jewelry is alloyed with copper. The copper alloys 
are redder, harder, and more fusible than pure gold. The 
temperature-composition curves for the alloy show a mini- 
mum melting point at 890° C. with a composition of 82 per 
cent gold. The purity of the metal is usually expressed in 
carats, that is, the number of parts of gold in 24 parts of the 
metal. The best jewelry is IS to 18 carat gold. American 
coinage is 21.6 carat (90 per cent). Gold is deposited in 
electroplating from a solution of aurocyanide, and much 
cheap jewelry is manufactured by so depositing a very 
thin coat of gold on copper. 

Gold is easily obtained in the colloidal state, especially 
in the presence of other stabilizing colloids. Thus, purple of 
Cassius is finely divided gold adsorbed on a hydrosol of 
stannic acid. The gold colloids may be formed by reduction 
of gold solution with chemical agents, or by electrical dis- 
persion, using an arc between gold electrodes under water. 

TABLE VI 

Reactions of Metallic Gold 

2Au + aCh = 2AuCl, 

Au 4* 2Te » AuTe 2 

Au + 6H2Se04 « AuaCSeOJa + 3Se02 + 6H2O 
Au + 5 H+ + 4 C 1 - + mr - HAUCI4 -f NO + 2H2O 

2Au + 4CN- + i02 + H 2 O = 2Au(CN)2" + 20H- 
2Au 4* 2Na2S8 « 2NaAuS2 4* Na 2 S 2 
2Au + 12“= 2AuI 


At about 150*^; also 
with Br 2 

Solution in aqua 
regia 
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32. Equilibria between Oxidation States. — Aurous ion 
is unstable in respect to the decomposition: 6Au+ + 3H2O 
= 4Au 4- AU2O3 + 6H+ (about 0.3 volt) ; hence only those 
aurous compounds and complexes which are relatively less 
soluble and less ionized than the corresponding auric com- 
pound can be prepared in solution. The only aurous com- 
pound which appears to be really stable with respect to the 
auric in solution is the aurocyanide: Au(CN)4~ + 2Au 
-b 2CN- = 3 Au(CN)2-. 

Oxidation reduction potentials are summarized in Table 
VII. The value given for the formation of aurocyanide, 
-t- 0.6 volt, may be too high, as gold does not appear to dis- 
solve in cyanide solution with the evolution of hydrogen. 

TABLE VII 

Oxidation Reduction Potentials of Gold 


Au = Au''" 4“ ca — 1.68 

Au*^ = 4” 2e~~ ca — 1.29 

Au 4- 2CN“ = Au(CN) 2 -' 4- e- 4-0.6 

Au 4- 2Br“ = AuBrg" 4" 0.96 

2Br"' 4“ AuBr 2 "’ = AuBrr 4- 26“* — 0.82 

Au 4- 4C1- = AuClr 4- - 1.0 

Au 4- 40H- = Au02" 4- 2 H 2 O 4- 3e- ca - 0.5 


Auric chloride and bromide decompose upon heating to 
give the aurous halide: AuCb = AuCl + Cl 2. Many of the 
auric compounds, however, decompose, giving the metal. 
A number of -f 2 compounds also exist, but they are 
all unstable with respect to the reaction, 3Au++' = Au 
•+■ 2Au+++, with the exception of the sulfide AuS. Like 
mercuric sulfide this gold sulfide is very slightly soluble and 
may be precipitated from a solution of auric chloride. 

33. Oxides. — ^The aurous oxide, AU2O, is said to be 
formed by the action of dilute potassium hydroxide upon 
aurous chloride, but it is very unstable and, in excess hy- 
droxide, gives the metal and aurate, Au02~. The addition of 
hydroxide to auric solutions gives a precipitate of Au(OH)3, 
or more probably the hydrous sesquioxide, AU2O3. This is 
amphoteric, and is somewhat more acidic than basic. The 
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alkali aurates, such as KAuOj, are soluble; but those of the 
alkaline earths are not. The oxide forms with ammonia the 
highly explosive gold “fulminate,” probably AuN-NHs. An 
unstable + 2 oxide, AuO, is also known. 

34. Halides. — Fluorine does not attack gold at ordinary 
temperatures, but at higher temperatures a slight reaction 
occurs. The fluoride is completely hydrolyzed by water, 
forming auric hydroxide. Chlorine attacks gold in the 
neighborhood of 150°, forming AuCla. At somewhat higher 
temperatures the aurous chloride, AuCl, is formed. This 
is but slightly soluble in water. Both chlorides are soluble 
in excess hydrochloric acid, forming, respectively, HAuCU 
and HAuCla. The latter is unstable, as discussed above. 
Auric chloride is usually prepared by the action of aqua 
regia upon gold. Sodium chloraurate, NaAuCl4*2H20, is 
employed in photography in toning prints. The two bro- 
mides, AuBr and AuBrg, are analogous in most respects to 
the chlorides. Gold is slowly attacked by iodine, forming 
Aul. However, there appears to be a measurable equilibrium : 
2Au -+-12 = 2AuL The aurous iodide is also formed by the 
reaction: AU2O3 -|- 6HI = 2AuI + SHzO 4* 2 I 2 , or by the ad- 
dition of iodide to the auric chloride. Auric iodide is unstable. 

36. Sulfides. — Gold and sulfur do not unite when heated 
together, but gold is dissolved by molten alkali polysulfides, 
forming thioaurites and possibly some thioaurates. Hy- 
drogen sulfide in warm acid solution gives with AuCh" a 
precipitate of gold and sulfur. In cold solution some of the 
unstable sulfide, AuS, appears to be formed. 

36. Other Compounds. — Mention has been made of the 
occurrence of gold telluride, and also of the stability and 
importance of the cyanoaurites. The alkali cyanoaurites, 
such as KAu(CN) 2 , are soluble. Auric nitrate and sulfate 
are so highly hydrolyzed that auric oxide is soluble only in 
very concentrated solution of these acids. 

37. Analytical. — ^The presence of auric gold may be de- 
termined by the rose coloration (colloidal gold) produced 
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upon the addition of a dilute solution of stannous chloride 
to the auric solution in excess hydrochloric acid. Gold, in 
the form of auric chloride, is sometimes determined quanti- 
tatively by the reaction, AuCU" -t- 31“ = Aul -|- 12 -t- 4C1“, 
the liberated iodine being titrated with thiosulfate (cf. 
X — 20). Gold ores are usually analyzed by the fire assay. 
The first step in the assay is the separation of the gangue, 
and the concentration of gold and silver in a lead “button.” 
This operation may be carried out in a shallow clay dish 
called a “scorifier,” in which the sample of ore is heated 
with a large amount of lead and a little borax. Much of the 
lead is oxidized, and the oxide forms an easily fusible flux 
with the silicates and borates. The rest of the lead serves to 
collect the gold and silver, and when the molten mass is 
cooled the lead is found as a small lump or button which 
may be separated from the slag. This process is sometimes 
carried out in a crucible with a mixture of ore, fluxing agent, 
lead oxide, and some reducing agent. The latter reduces 
some of the lead oxide, and the metal collects the gold and 
silver as in the scorification process. The second step is the 
separation of the gold and silver from the lead. The button 
is heated in a little cup of bone ash called a “cupel.” The 
lead oxidizes, and the liquid oxide is readily absorbed by the 
bone ash, while the liquid gold and silver remain in a small 
globule. The third step is the “parting” of the gold and 
silver. The button is flattened by hammering and treated 
with nitric acid to dissolve out the silver. Unless there is a 
considerable excess of silver, more must be added before the 
separation can be accomplished, as otherwise the silver 
atoms are removed from the surface of the button but the 
crystal lattice is not destroyed, and the action soon stops. 
However, if there is a large excess of silver, the crystal is 
completely disintegrated, and the finely divided gold re- 
maining may be fused and weighed. Gold is readily sepa- 
rated from the platinum metals by precipitation with 
hydroquinone in 1.2N HCl solutions. 




Chapter VIII 


SUBGROUP II. ZINC, CADMIUM, 

AND MERCURY 

1 . The elements of Subgroup II, zinc, Zn, cadmium, Cd, 
and mercury, Hg (hydrargyrum), differ from the elements 
of the main group in much the same way that copper, silver, 
and gold differ from the alkali metals. Thus the subgroup 
elements are more noble, their hydroxides are less basic, 
and their ions have a greater tendency to form complex 
ions. These properties depend upon the much higher ioniza- 
tion potentials of the atoms and the smaller size of the re- 
sultant ions (Table I). The melting points of the elements in 
Subgroup II are much lower than those of the main group. 
They all form -t- 2 positive ions, but in addition, mercury 
forms an unusual series of compounds of the ion, Hg 2 ‘^, 
and cadmium appears to form the + 1 chloride and oxide. 
These elements are less noble than the corresponding ele- 
ments of Subgroup I, and their hydroxides are more 
acidic. 

Zinc and cadmium resemble each other much more closely 
than they do mercury. They are distinctly electropositive, 
are readily oxidized by hydrogen ion, and their oxides are 
reduced with difficulty; while mercury is a noble metal, and 
its oxide is easily decomposed upon simple heating. The 
solubility of the oxide in water increases with increasing size 
of the metal ion. Zinc oxide is amphoteric, dissolving readily 
in both acids and bases. Cadmium and mercuric oxides 
dissolve in acids, and unstable cadmates and mercurates are 
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also known. Both zinc and cadmium form stable hydrox- 
ides, but mercury does not. Mercuric salts are very highly 
hydrolyzed, notwithstanding the appreciable solubility of 
mercuric oxide. One of the outstanding characteristics of 
the subgroup is the slight dissociation of the chlorides, bro- 
mides, and iodides. This property is most pronounced with 
the mercuric ion. In the most stable salts and complexes, 
the apparent ionic radii are 10 or 15 per cent less than the 
values given in Table I, as the high attractive force is able 
to distort the ions from their normal shapes (cf. VII — 2). 

TABLE I 


Atomic and Physical Properties of Zinc, Cadmium, and Mercury 



Zn 

Cd 

Hg 

Atomic number 

30 

48 

80 

Atomic weight 

65.38 

112.41 

200.61 

Isotopes 

64, 66, 67, 

106, 108, 110, 

196, 197, 198, 

1 

68,70 

111,112,113, 

199, 200, 201, 



114,116 

202, 204 

Electrons in various quantum 




levels, 1st 

2 

2 

2 

2d 

8 

8 

8 

3d 

18 

18 

18 

4th 

2 

18 

32 

5th 


2 

18 

6th 


i 

2 

Radius of in crystals 




X 10® cm 

0.74 

0.97 

1.10 

Ionization potential of gase- 




ous atoms in volts, ! 




1st electron 

9.36 

8.96 

10.38 

2d electron 

17.89 

16.84 

18.65 * 

Melting point ® C 

419.4 

320.9 

- 38.87 

Boiling point ° C i 

907 

767 

356.9 

Density of solids 

7.14 

8.6 

14.19 at 




-40° 

Electrical resistance ohm-cm. 




X 10® 

6 

7.5 at 20° 

21.3 at - 50° 

Potential of electrode: 




M + 2e~ in volts . . 

+ 0.762 

+ 0.402 

- 0.854 

Solubility of Zn(OH) 2 , 



Cd(OH) 2 , and HgO, g. per 




liter 

2.6 X 10-® 

2.6 X 10“^ 

5 X 10-2 
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ZINC AND CADMIUM 

2. Occurrence. — The principal zinc ores are the sulfide, 
ZnS, called sphalerite or zinc blende; and the carbonate, 
ZnCOs, smithsonite. Other ores are: willemite, Zn2Si04; 
calamine, Zn2(0H)2Si03; zincite, ZnO; and franklinite, 
[Fe, Zn, Mn](Fe02)2- The average percentage of zinc pres- 
ent in igneous rocks is estimated as 4 X 10“®. 

Most zinc ores contain some cadmium. The average ratio 
of zinc to cadmium is about 200 to 1. The yellow cadmium 
sulfide sometimes occurs fairly pure and is known as green- 
ockite. 

3. Metallurgy. — The major portion of the zinc ore is 
smelted by reduction with carbon, although more than a 
hundred thousand tons of pure zinc are now produced 
yearly by a process which combines the extraction of the 
ore by leaching, and the electrolytic reduction of the metal 
from the solution. In the former process the ore is first 
crushed and concentrated by washing out the lighter rocks, 
or, in the case of the sulfide, by “flotation” methods (see 
Metallurgy of Lead). Sulfide and carbonate ores are roasted 
to convert them into the oxide: 2ZnS H- 3O2 = 2ZnO 
+ 2SO2. Much of the sulfur dioxide liberated is recovered 
and made into sulfuric acid. The oxide is mixed with cod, 
and the mixture heated in small clay retorts (4 to 5 feet 
long). A temperature of 1,200 to 1,300° C. is required for 
reduction, and as the boiling point of the metal is only 
907°, the metal is vaporized as soon as it is liberated: 
ZnO -|- C = Zn -f CO. A sufficient excess of coal is em- 
ployed to prevent the formation of carbon dioxide, since 
zinc is oxidized by the dioxide. A small condenser is placed 
over the mouth of the retort, and its temperature is con- 
trolled so as to condense the metal to the liquid state. If the 
temperature of the condenser is below the melting point of 
the zinc, the metal collects in the form of a fine powder 
called zinc dust, which also contains a small per cent of zinc 
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oxide. Even under the best conditions, some zinc dust is 
formed, and 10 per cent or even more of the zinc escapes 
from the condenser along with the carbon monoxide. The 
liquid is drawn off and cast into molds, forming what is 
known as “spelter.” It usually contains, as the principal 
impurities, a per cent or so of lead and smaller amounts of 
iron and cadmium. The metal may be purified by distilla- 
tion in vacuum or in hydrogen, but it is difficult to effect a 
complete separation from the lead. 

In the electrolytic process sulfide ore is first carefully 
roasted at a low temperature, and under these conditions 
forms largely sulfate. The ore is then leached with dilute 
sulfuric acid, and the acid sulfate solution treated with a 
small quantity of zinc dust to precipitate the nobler metals, 
as these would deposit along with the zinc upon elec- 
trolysis of the solution. Although the potential required to 
precipitate zinc is 0.762 volt greater than the reversible re- 
duction potential for hydrogen ion, the overvoltage of hy- 
drogen on pure zinc is sufficiently great (1.23 volts in IJV 
H+) to permit the deposition of zinc in acid solution if a high 
cathodic current density is used. Electrolytic zinc is very 
pure, and commands a higher price for that reason. The 
annual production of zinc is over a million tons. 

•Cadmium is both more easily reduced and more volatile 
than zinc; consequently, it is concentrated in the first por- 
tions of the distillate in zinc smelting, and may be recovered 
from the zinc by fractional distillation. However, most of 
the commercial product now comes from the electrolytic 
zinc process, the cadmium being precipitated along with 
the more noble metals in the purification of the electrolyte. 

4. The Metals. — ^The more important physical properties 
have been summarized in Table I. Zinc takes a good white 
metallic luster upon polishing, but the surface quickly 
tarnishes to the familiar blue-grey tinge. Zinc is hard and 
brittle at ordinary temperatures, but between 100° and 
150° it becomes malleable enough to permit rolling and 
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drawing. At somewhat higher temperatures, it becomes so 
brittle that it may be pulverized in a mortar. These changes 
appear to be due to allotropic forms, but the transitions 
from one form to another have not been definitely de- 
termined. 

Zinc is used in making brass (see Copper) and many other 
alloys. It is used in dry cells (see Manganese) and the prepa- 
ration of zinc pigments (see Oxide, Sulfate, and Sulfide). 
The largest use of the metal, however, is in galvanizing iron. 
The process is carried out in three different ways: (1) dip- 
ping the iron into molten zinc, (2) depositing the zinc upon 
the iron by electrolytic reduction, (3) exposing the iron to 
the action of zinc vapor, called “sherardizing.” Galvan- 
ized iron resists the action of weather better than pure iron, 
largely due to the impervious coating of basic zinc car- 
bonate on the surface, but in part to the fact that the elec- 
tropositive character of the zinc tends to prevent a hole 
wearing through the iron by furnishing electrons in place 
of the iron. Zinc dust is employed as a reducing agent in the 
manufacture of dyes. 

Cadmium has a silver white color with a slight bluish 
tinge. It is not as hard as zinc, and at ordinary tempera- 
tures is much more ductile and malleable. Like zinc, how- 
ever, it becomes very brittle at higher temperatures, the 
change likewise appearing to be due to a crystalline transi- 
tion. The electrical conductivity of cadmium is somewhat 
less than that of zinc. 

Cadmium is used as a substitute for tin in antifriction 
metals and solders, its principal use being in bearing metals 
for automobiles. Its presence in small amounts in copper 
wire adds strength with but small reduction in the con- 
ductivity. Cadmium plating is now used to rust-proof 
wires, tools, and other iron and steel articles. After plating, 
the articles are heat-treated, thus alloying the cadmium 
and iron. Corrosion tests indicate that cadmium plate and 
zinc plate have about the same resistance. 
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6. Reactions of the Metals. — Zinc dust is subject to 
spontaneous combustion in moist air, but in more compact 
forms does not burn readily until heated above 500° C. 
Pure zinc is almost insoluble in dilute hydrogen ion, due to 
the very large overvoltage of the hydrogen. If, however, the 
metal be touched with some metal with a low overvoltage 
for hydrogen, such as nickel or platinum, the evolution of 
hydrogen takes place rapidly on the surface of the other 
metal, and the zinc dissolves. The high positive value of the 
oxidation-reduction potential (Table I) renders it possible 
to dissolve zinc by a number of oxidizing agents. The 
metal is soluble in rather concentrated alkali with the 
evolution of hydrogen and formation of zincate. These and 
other reactions are summarized in Table II. 


TABLE II 

Reactions of Zinc Metal 


2Zn + Os = 2ZnO 
Zn + 2H+ = Zn++ + Hs 
Zn -I- 2HsO = Zn(OH)s -f Hs 

Zn H- OH- + HsO = HZnOs" + Hi 
Zn 4“ S = ZnS 
Zn -f X 2 =« ZnXi 
Zn = Zn++ + 2e- 
Zn + CO 2 « ZnO + CO 


Upon heating 
Slow with pure zinc 
With steam at high tempera- 
ture 

With concentrated alkali 
Also with Se, Te, P, As, etc. 

X is any halogen 
0.762 volt 
At red heat 

The protective coating on zinc 
surfaces 


4Zn -i- 2 O 2 -f 3 H 2 O + CO 2 - Zn 4 C 03 ( 0 H )6 


The reactions of cadmium are, in general, similar to those 
of zinc, but the lower positive value of the oxidation reduc- 
tion couple, 0.402 volt, renders it considerably less reactive 
with oxidizing agents. Unlike zinc, it does not dissolve in 
alkali. 

6. Zinc and Cadmium Ions. — The ions Zn++ and Cd++ 
are colorless and poisonous to most organisms, cadmium 
more so than zinc. Zinc ion is rather highly hydrolyzed, 
while cadmium ion is only slightly so. Zinc ion forms as its 
more important slightly soluble compounds: Zn(OH) 2 , 
ZnC03-nZn(0H)2, ZnNHiPOi, ZnaCPO^a, ZnPaO,, ZnC 204 , 
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Zn(CN)2, Zn(I04)2, Zn2Fe(CN)6, and ZnS. Its most stable 
complex ions are Zn(NH3)4'^‘‘‘, Zn(CN)4 — , and HZn 02 “. 
Cadmium ion forms the precipitates: Cd(OH)2, CdCO* 
.nCd(OH)2, Cd(CN)2, Cd2Fe(CN)6, and CdS; and the com- 
plex ions, Cd(NH3)4++, Cd(CN)4 , and Cdl4 . 

7 . Oxides and Hydroxides. — Zinc oxide, ZnO, occurs as 
the mineral zincite. It is an important commercial com- 
modity, and is prepared by the oxidation of the metal or 
directly from the oxidized ores by heating a mixture of car- 
bon and ore in an air blast. The carbon reduces the oxide, 
but the zinc vapor is immediately reoxidized, and the oxide 
carried along as a fine dust in the flue gas, from which it is 
finally recovered by the use of filter bags. This oxide is 
used extensively as a white pigment, generally mixed with 
white lead. It is employed in the manufacture of automo- 
bile tires, and in medicine as a base for various ointments. 
It may be formed by gently heating the hydroxide, but it 
will not combine with water to form the hydroxide. It is 
yellow when hot, and white when cold. The arrangement 
of the zinc and oxide ions in the crystal lattice is given in 
Appendix V. 

The hydroxide is precipitated upon the addition of hy- 
droxide ion to a solution of zinc ion. It is amphoteric, and 
readily soluble in excess hydroxide and in acids: 

Zn(OH)2 = Zn++ -f 20 H- if = 4.5 X 

Zn(OH)2 = Zn02— -h 2 H+ if = 1 X 10-=». 

The solid zincates, such as K 2 Zn 02 , are prepared by fusion 
of the two oxides, but are highly hydrolyzed in solution. 
Zinc hydroxide is soluble in ammonium hydroxide, due to 
the stability of the complex, Zn(NH3)4''^. The value for the 
dissociation constant of the complex is if = 9.8 X 10~“. 
Peroxides in alkaline solution form with zinc salts the hy- 
drated zinc peroxide, Zn02’2H20. 

The brown cadmium oxide, CdO, is formed by methods 
similar to those discussed for zinc oxide. Cadmium hy- 
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droxide, (solubility product, 1.2 X 10“^^), is more soluble 
and more basic than zinc hydroxide. It does not dissolve 
in excess hydroxide ion, but cadmates are said to be formed 
by fusing cadmium oxide in potassium hydroxide. Cad- 
mium hydroxide is soluble in ammonium hydroxide, 
and cyanides with the formation of the complex ions: 
Cd(NH3)4++ {K = 2.5 X 10-''), and Cd(CN)4“ (K = 1 
X 10“^^. A hydrated cadmium peroxide similar to the 
zinc peroxide exists, and cadmous hydroxide, Cd2(OH)2, 
appears to form when a base is added to the unstable 
cadmous chloride. The hydroxide is a powerful reducing 
agent. 

8. Halides. — ^Although zinc and cadmium fluorides are 
but moderately soluble, the other halides are readily soluble. 
They crystallize from their solutions as hydrated salts, 
usually with 4 moles of water at low temperatures, and one 
mole at higher temperatures. Solutions of the zinc salts 
are distinctly acid by hydrolysis, and readily precipitate 
basic halides upon the addition of dilute alkali. Concen- 
trated solutions of zinc chloride dissolve zinc oxide and set 
to form a cement, ZnOHCl, similar to the magnesia cement. 
The chloride in the fused state also dissolves metal oxides, 
and is much used as a flux in soft soldering. 

In their concentrated solutions, the halides appear to be 
slightly ionized, due to the formation of complex ions. This 
property is exhibited somewhat by the zinc salts and mark- 
edly by the cadmium. The latter forms, for example, 
CdCdCh and CdCdF4. The complex ion, CdT , is fairly 
stable, the value for the dissociation constant being about 
5 X 10-^ 

Cadmous chloride, Cd2Cl2, appears to be formed by heat- 
ing the dichloride and metal together at about 800°. It is 
hydrolyzed by water to Cd2(OH)2. 

9. Sulfates. — ^The crystallization of an aqueous solution 
of zinc sulfate at ordinary temperature forms the heptahy- 
drate, ZnS04*7H20; and solutions of cadmium sulfate 
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form the hydrate, 3 CdS 04 ‘ 8 H 20 . A number of other hy- 
drates also occur at higher and lower temperatures. These 
hydrates are very soluble in water. Large quantities of zinc 
sulfate are used in the preparation of the white pigment, 
lithopone, the reaction being: ZnSO^ + BaS = BaS 04 
-1- ZnS. This pigment does not blacken with hydrogen sul- 
fide, as does white lead, and possesses fair covering power. 
Cadmium sulfate is employed in the manufacture of 
“standard cells” for electrical measurements. These cells 
have an anode of cadmium amalgam, a cathode of mer- 
curous sulfate in contact with mercury, and an electrolyte 
of cadmium sulfate solution. 

10. Sulfides. — Zinc sulfide is the only common white 

metallic sulfide. Cadmium sulfide is yellow. Zinc sulfide is 
precipitated by the addition of alkali or ammonium sulfides 
to solutions of zinc salts. Its solubility is increased by hy- 
drogen ion: ZnS + H"*" = Zn++ -f- HS“; but it may be 
fairly completely precipitated in a solution of acetic acid 
with sodium acetate added to reduce the hydrogen ion con- 
centration. The value for the solubility product is 4.5 
X 10~“. Cadmium sulfide is much less soluble (K = 1.4 
X and may be precipitated from highly acid solu- 

tions. Neither sulfide is soluble in excess of sulfide ion, but 
both are slightly soluble in high concentrations of am- 
monium hydroxide, due to the formation of the complex 
ammonia ions. Cadmium sulfide is also soluble in iodide, as 
mentioned under the halides, but it is not soluble in cy- 
anide. Cadmium sulfide is an excellent yellow pigment, but 
is too expensive for extensive application. 

11. Other Salts. — The nitrates are readily prepared by 
dissolving the metals or oxides in nitric acid. Normal zinc 
carbonate exists in nature, and may be precipitated from 
zinc solution with sodium bicarbonate, but basic carbonates 
are precipitated from solution by the alkali carbonates. 
Cadmium shows less tendency to form basic carbonates 
than does zinc. Basic zinc phosphate, made from the oxide 
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and phosphoric acid, is important as a cement in dentistry. 
See also Appendix XIX. 

12 . Amalytical. — ^The separation of zinc and cadmium 
from other metallic elements is indicated in the standard 
scheme of analysis (Append. VI). The separation of 
aluminum from zinc, by the precipitation of aluminum hy- 
droxide with excess ammonium hydroxide, carries down con- 
siderable zinc as zinc aluminate, and, for this reason, in de- 
tecting small amounts of zinc, it is preferable to precipitate 
the aluminum as AlCU'dHaO, by adding ether and hy- 
drogen chloride gas. The insolubility of cadmium sulfide in 
excess sulfide ion distinguishes it from arsenic, antimony, 
and tin ; and its solubility in hot nitric acid gives a separa- 
tion from mercuric sulfide. The precipitation of cadmium 
sulfide in the presence of cyanide ions serves to distinguish 
cadmium from copper. 

Zinc may be determined quantitatively by precipitating 
as the sulfide, igniting, and weighing as the oxide; by pre- 
cipitation as ZnNH4P04, and weighing as Zn2P207; or by 
precipitation by cathodic reduction from an acetic acid- 
acetate buffer solution. In the electrolytic determination, 
it is difficult to obtain a complete precipitation of the metal. 
The most satisfactory volumetric method is the titration of 
zinc with ferrocyanide. The formation of a brown color 
with an uranyl solution as an outside indicator is used to 
determine the end-point, or a few drops of ferrous ion may 
be added to the zinc solution, in which case the color 
changes from light blue to pea-green at the end-point. This 
latter color change appears to be due to the presence of a 
trace of ferricyanide, which gives a blue color until an excess 
of ferrocyanide is obtained. 

Cadmium may be determined gravimetrically by pre- 
cipitating as carbonate and weighing as oxide; or, similarly 
to zinc, precipitating as phosphate and weighing as Cd2P207. 
It is impossible to precipitate the sulfide pure enough to 
weigh as such, as it forms complexes, e.g., Cd2Cl2S. Cad- 
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mium may also be determined electrolytically by reduction 
from a solution of the cyanide complex. 

MERCURY 

13. Occurrence. — Mercury occurs native and in amal- 
gams of gold and silver, but the principal ore is cinnabar, 
HgS. Complex selenides, tellurides, and chlorides also 
occur, but they are of slight economic importance. The 
average percentage of mercury in the igneous rocks is 
estimated as 

14. Metallurgy. — ^The extraction of mercury from the 
sulfide ore is comparatively simple, since the sulfide may 
readily be converted into the volatile metal, either by 
roasting in air; HgS -+■ O 2 = Hg -f- SO 2 ; or by roasting with 
lime: 4HgS -t- 4CaO = 3CaS CaS 04 + 4Hg. The mer- 
cury vapor is more easily condensed from the furnace gases 
than is zinc, because of the greater weight of the molecules 
of vapor, and also because the vapor is not readily reoxidized 
by air. The metal is filtered through chamois skin and puri- 
fied by washing with nitric acid, or mercurous nitrate 
solution; or by distillation in the presence of oxygen, or 
other oxidizing agents, which will remove the base metals, 
especially zinc and cadmium. 

16. The Metal. — The more important physical prop- 
erties have been given in Table I. The metal is a silvery- 
white liquid with a vapor pressure of 0.001 mm. at 20° and 
0.28 mm. at 100°. Its boiling point is 356.90°. A table of 
densities of the liquid is given in Appendix IX. The vapor 
is monatomic, and does not conduct electricity in the cold, 
but if an arc is once struck it conducts readily with the 
emission of the characteristic mercury spectrum which is 
very rich in green and ultra-violet light. This mercury 
vapor arc is much used as a current rectifier, and as a source 
of ultra- violef light for the treatment of certain diseases. 
The cubical coefficient of expansion of mercury between 0° 
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and 300° is represented by the expression: a = 1.8006 
X 10~^ + 2 X 10~®/. Due to this rather uniform expansion 
and to the fact that the pure liquid does not "wet” glass, 
mercury is extensively used in thermometers. Its low vapor 
pressure and high density makes it useful in barometers. 
With the exception of iron and platinum, metals readily 
dissolve in, or are wet by mercury to form amalgams; many 
of these have been mentioned in connection with other 
metals, e.g. sodium, aluminum, gold, and silver. An amal- 
gam of thallium (8.5 per cent TI) has a very low melting 
point and may be used in thermometers down to — 60° C. 
Amalgams of tin, silver, gold, and other metals are em- 
ployed in dentistry. Many attempts have been made to use 
mercury in heat engines, as the higher boiling point offers 
a very substantial increase in the theoretical efficiency over 
the steam engine, and two plants are now in operation in the 
United States. These installations employ 300,000 pounds 
of mercury. 

TABLE III 

Reactions of the Metal 

2Hg "f- O 2 — 2HgO Slowly around 350® 

Hg X 2 = HgX 2 X is any halogen 

Hg + S ~ HgS Upon subliming together 

3Hg 4- 2NOs"“ + 8H+ = 3Hg++ + 2NO + 4 H 2 O Excess acid 
6Hg + 2NOa*” + 8H+ « 3Hg2++ ■+■ 2NO + 4 H 2 O Excess mercury 
Hg -f SO4 — + 4H+ = Hg**"^ + SO2 + 2 H 2 O Hot concentrated acid 

16. Equilibria between Oxidation States. — The mercu- 
rous ion is stable in respect to the decomposition into 
mercuric ion and mercury: i.e., mercuric ion is reduced by 
mercury: Hg'^'*' -|- Hg = Hga"*"*". However, the value for 
the potential of the reaction corresponds to an equilibrium 
concentration of Hga"'^ at 25° C., only 81 times that of 
Hg-H-. hence the equilibrium is easily reversed in case the 
mercuric compound is much less soluble than the mer- 
curous: e.g., Hg 2 S = HgS + Hg and HgaO = HgO + Hg. 
Due to the insolubility of the basic ammonia mercuric salts 
(Par. 26), all mercurous compounds are decomposed by 
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ammonia. The equilibrium lies in the direction of the 
mercuric form at higher temperatures. In this respect the 
higher oxidation state is different from copper, since cupric 
oxide upon heating gives cuprous oxide and oxygen, while 
mercuric oxide gives mercury and oxygen. Mercuric sulfate, 
however, decomposes at high temperatures according to the 
equation : 2 HgS 04 = Hg 2 S 04 + SO 2 + O 2 . 

The couple Hg'^-Hg+ is a stronger oxidizing couple than 
Hg++-Hg (Table IV); hence reducing agents first reduce 
mercuric ion to mercurous. Since the potential of the 
couple Hg'‘"-Hg is almost as large, most reducing agents 
capable of reducing mercuric ion will, in excess, reduce the 
mercurous ion to mercury as a second step: e.g., 2Hg+‘^ 
+ Sn++ = 2Hg+ + Sn++++, and 2Hg+ + Sn++ = 2Hg 
+ Sn‘*’+‘''+. It also follows from the potential values that 
fairly powerful oxidizing agents, e.g., bromine water and hot 
nitric acid, are required to oxidize mercurous compounds 
to mercuric, unless, of course, the mercuric compound is 
much less soluble or less ionized. 

TABLE IV 

Oxidation-Reduction Potentials of Mercury 


Voltsm® 

Hg -f S“ = HgS -1- 2e- -f- 0.70 

Hg + 4CN- = Hg(CN)r- + 2e- + 0.37 

Hg + 41- = HgL” + 2e- -1-0.04 

2Hg -1- 21- - Hgslj + 2e- +0.04 

Hg + 20H- = HgO + H 2 O + 2(!- - 0.098 

2Hg + 2Br- =. HgsBra + 2e- - 0.14 

2Hg + 2SCN- = Hga(SCN)s + 2e- - 0.22 

2Hg + 2a- = HgaCIa + 2e- - 0.267S 

2Hg + CO.-“ = HgaCOa + 2e- - 0.32 

2Hg + CaOr- = HgaCsOa + 2e- - 0.41 

2Hg + SO 4 — = HgsSOa + 2e- - 0.615 

2Hg = Hg8++ +2e- - 0.799 

Hg = Hg++ + 2«- -0.854 

Hg2++ = 2Hg++ + 2e- - 0.910 

HgS = S + Hg++ + 2e- - 1.05 


Mercurous Compounds 

17. Mercurous ion is strikingly similar to silver ion in the 
solubility of its salts, and in the potential of reduction to the 
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metal. However, the mercurous ion is peculiar in that it is 
associated into the double ion, Hg 2 '^+, not only in solution, 
but in its compounds in the solid and gaseous state. Indeed 
it is somewhat doubtful if the undissociated ion Hg+ exists. 
From the standpoint of atomic structure, the mercurous 
ion is quite unusual. The variations in the oxidation states 
of the Subgroup I elements arises through the possibility 
of removing electrons from the kernel, but the mercurous 
ion consists of the kernel plus one valence electron. Many 
examples may be given of the association of molecules con- 
taining an odd number of electrons; and the formation of 
(Hg : Hg)"*^ may be correlated with this general behavior 
of “odd” molecules. The mercurous ion does not form 
complex ions with the ammonia, cyanide, iodide, or thio- 
sulfate, as does silver ion. 

18. Mercurous oxide, Hg20, is formed by the action of 
alkalies upon soluble mercurous salts. It is not soluble in 
excess hydroxide ion. The oxide decomposes slowly at 
25°, and rapidly at 100°, into mercury and mercuric oxide. 
The speed of decomposition is increased by light. 

19. Merciurous chloride, Hg 2 Cl 2 , or calomel, is the most 
important mercurous salt. It is usually prepared by sub- 
liming a mixture of mercuric chloride and mercury; HgCl 2 
+ Hg = Hg 2 Cl 2 . It is formed as a white precipitate by the 
addition of chloride to a solution of mercurous nitrate. 
Mercurous chloride sublimes without melting, and if dry, 
the vapor consists of Hg 2 Cl 2 molecules, but moisture cata- 
lyzes its decomposition into mercury and mercuric chloride. 
Light causes a partial decomposition of the salt at room 
temperature. Mercurous chloride turns dark when treated 
with ammonia, due to the formation of finely divided mer- 
cury and the ammono-basic mercuric chloride (Par. 26). 
The use of calomel in medicine depends upon its stimulating 
action upon the liver and other secretive organs. The 
potential of the reaction : 2Hg -f 2C1“ = Hg 2 Cl 2 -f 2e~ is 
— 0.2675 volt (i.e., molal chloride ion activity and referred 
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to the potential of hydrogen arbitrarily chosen as zero); 
and the electrode: mercury — solid mercurous chloride — 
chloride ion, is often employed as a reference electrode in 
potential measurements. The potential of the electrode 
changes slightly in air. Thus with \M KCl the values are 
— 0.2825 in air and — 0.2812 in absence of air. Much work 
has been done on the absolute value of this electrode po- 
tential, and the value 0.56 volt is usually accepted; the 
mercury is positive with respect to the solution. 

20. Mercurous fluoride, bromide, and iodide resemble 
the corresponding silver salts in respect to solubility in 
water. The iodide is unstable, especially with excess iodide, 
and decomposes into mercury and mercuric iodide. 

21. Mercurous sulfide may be formed momentarily by 
the action of hydrogen sulfide upon mercurous salts, but it 
immediately decomposes into mercury and mercuric sulfide. 
Mercurous nitrate and sulfate may be prepared by the 
action of nitric acid and of hot concentrated sulfuric acid, 
respectively, upon excess mercury. The nitrate is readily 
soluble, but the sulfate only sparingly so. Both are hy- 
drolyzed, and unless excess acid is present, form slightly 
soluble basic salts, such as Hgj( 0 H)N 03 and Hg 0 Hg 2 S 04 
•H2O. 

Mercurous phosphate, nitrite, chromate, bromate, and 
iodate, are but slightly soluble. Alkali carbonates precipi- 
tate mercurous carbonate from soluble mercurous salts. 
The carbonate is unstable if warmed slightly: Hg 2 C 03 
= Hg •+• HgO •+■ CO 2 . Mercurous cyanide is not stable. 

Mercuric Compounds 

22. Mercuric oxide, HgO, is slowly formed as a red 
powder when mercury is heated in air just below its boiling 
point. It is usually prepared by heating the nitrate or a 
mixture of the nitrate and mercury: Hg(N 03)2 + Hg 
= 2HgO + 2 NO 2 . The partial pressure of oxygen over 
mercuric oxide is 985 mm. at 500° C. The oxide precipitates 
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upon the addition of a strong base to a solution of a mer- 
curic salt. Precipitated in the cold, the color is yellow, but 
from hot solutions, the color is red. The difference in color 
seems to be merely a question of the state of subdivision of 
the solid, as the two forms appear to have the same crystal 
structure and very nearly the same energy content. The 
yellow is the more reactive and also the more finely divided. 
The hydroxide is unstable, but a hydrate, HgO'SHgO, 
exists. The oxide is soluble in excess iodide due to the forma- 
tion of the complex iodide: HgO -I- 41“ -f H 2 O = Hgl 4 
-I- 20H“. Its solubility increases slightly in alkali, due to 
weak acidic properties and the formation of HHg 02 “. 

HgO -f OH- = HHgOa- K = 3 X 

Mercuric ion in solution is more highly hydrolyzed than is 
to be expected from the value for the solubility of the oxide. 
Table I. However, the value for the oxide electrode: Hg 
+ 20H“ = HgO -f H 2 O -f 2e~, — 0.098 volt, indicates 
that the concentration of Hg++ in the solution is very small. 

23. Mercuric chloride, HgCU, “bichloride of mercury” 
or “corrosive sublimate,” may be made by heating mercury 
in an atmosphere of chlorine. The reaction is accompanied 
by green radiation. It is usually prepared, however, by 
subliming a mixture of mercuric sulfate and common salt. 
The chloride is moderately soluble in water, and the solubil- 
ity is increased by excess chloride ion due to the formation 
of complex ions, probably HgCh . The salt in solution is 
but slightly ionized, even less than cadmium chloride, as is 
indicated by its low electrical conductivity, and by the 
value of the chloride as an oxidizing agent: Hg 2 Cl 2 + 2C1“ 
= 2HgCl2 + 2e~, — 0.62 volt. This value is 0.3 volt lower 
than the Hg 2 ''~*'-Hg++ couple in spite of the small solubility 
of the mercurous chloride. The solution is only slightly 
hydrolyzed, but the addition of dilute alkali results in the 
formation of various basic chlorides, such as HgCU’HgO. 
The chloride is much used as an antiseptic and is highly 
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poisonous. It forms a slightly soluble compound with albu- 
men, and advantage is taken of this fact in administering egg 
white as an antidote. As a poison it acts partly through the 
destruction of kidney cells to such an extent that death re- 
sults in about two weeks from the inability of the body to 
eliminate its waste products. The commercial preparation 
is usually mixed with sodium chloride to increase the rate 
of solution. 

24. Mercuric fluoride is more soluble and much more hy- 
drolyzed than the chloride. The bromide is sparingly 
soluble, and the iodide still less soluble. The iodide exists 
in two modifications, a scarlet form stable below 128°, and 
a yellow form stable above that temperature. The yellow 
iodide may be super-cooled below the transition tempera- 
ture, but readily changes to the scarlet when touched. 
Mercuric iodide dissolves in excess iodide forming the 
very stable complex iodide, Hgb . A solution of the 
potassium complex iodide is known as Nessler’s reagent, 
and is used in detecting small amounts of ammonia (see 
below). 

26. Mercuric ammonia compounds exist in interesting 
variety, divisible into four types: (1) Soluble complexes 
giving the ion Hg(NH 3 ) 4 ++. This ion is stable only at very 
high (12iV) concentrations of NH 4 OH ; (2) with ammonia of 
crystallization, such as HgCl 2 * 2 NH 3 ; (3) basic salts of the 
ammonia system, that is, they are formed from the nega- 
tive ions of ammonia, NHz”, NH , and N , similar to 
negative ions of water OH" and O , the simplest being of 
the type HgNHaCl; (4) salts which are both ammonolyzed 
and hydrolyzed. Many complex salts of this latter type 
exist. The most important are derivatives of Millon’s base, 
OHHgNHHgOH, or HgiNOH-HaO. The addition of 
ammonium hydroxide to mercuric chloride solution pre- 
cipitates the ammonobasic chloride, HgNHjCl. With mer- 
curous chloride, the same compound mixed with mercury is 
formed. The ammonobasic chloride is soluble in hydrochlo- 
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ric acid and dissolves more readily if some ammonium ion 
is present. Ammonia and mercuric nitrate solution form 
Hg2N’N03 and a number of other complex salts. Nessler’s 
reagent (Par. 24) gives, with ammonia, a yellow precipitate, 
the iodide of Millon’s base, Hg2NI*H20. 

26. Mercuric Sulfide. — Crystalline mercuric sulfide is 
red, both as found in nature, cinnabar, and as prepared by 
subliming together mercury and sulfur; but the sulfide pre- 
cipitated from solution by hydrogen sulfide is black and 
amorphous. The black form is transformed slowly into the 
red by digestion with sodium sulfide. Mercuric sulfide is 
the least soluble (K — 3 X lO"®®) of all the metal sulfides, 
and does not dissolve in hydrochloric or nitric acids. It is, 
however, soluble in aqua regia and in bromine water, due 
to the stability of the complex halides. Hot concentrated 
nitric acid converts it into the difficultly soluble white com- 
plex, Hg(N03)2*2HgS. The sulfide has weak acidic prop- 
erties, and is somewhat soluble in a solution of an alkali sul- 
fide but not in ammonium sulfide. The red sulfide is used 
as a pigment under the name of vermilion. 

27. Mercuric nitrate and sulfate are formed by the action 
of excess nitric and hot concentrated sulfuric acids upon the 
metal. Both are soluble, but are rather highly hydrolyzed, 
and precipitate as basic salts, such as Hg(N03)2"Hg0 and 
HgS04'2Hg0, unless excess acid is present. Normal mer- 
curic carbonate does not exist, but basic carbonates, such 
as HgC03'2Hg0, may be precipitated. Mercuric cyanide, 
Hg(CN)2, is soluble, but is even less ionized than the 
halides, and like them forms a complex ion, Hg(CN)4 . 
When heated, it decomposes into mercury and cyanogen: 
Hg(CN)2 = Hg H- C2N2. This complex gives the smallest 
concentration of mercuric ion of any of the mercuric com- 
pounds except the sulfides. 

Mercuric fulminate, Hg(OCN)2, is formed by the addi- 
tion of alcohol to a hot solution of mercury in nitric acid. 
The dry precipitate explodes upon being struck, and is used 
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extensively in percussion caps. Mercuric thiocyanate, 
Hg(CNS)2, is slightly soluble. “Pharaoh’s serpents” are 
prepared from this salt by making it into a paste with gum- 
water. When dried and ignited it burns and forms a volumi- 
nous ash which assumes serpentine forms. 

28 . Analytical. — Mercurous ion, like silver, gives a curdy, 
white precipitate with chloride but, unlike silver chloride, 
the precipitate blackens with ammonia (Par. 26 ). The in- 
solubility of mercuric sulfide in nitric acid and in ammonium 
polysulfide serves to identify mercuric ion. The addition of 
stannous chloride to mercuric ion in small amounts gives a 
white precipitate of mercurous chloride, and in excess, a 
grey precipitate of mercury. With mercurous ion, stannous 
chloride in small amounts gives an immediate precipitate 
of mercury. A copper wire in either mercurous or mercuric 
solutions becomes coated with a grey or silvery deposit of 
mercury. 

Mercury may be precipitated and weighed quantitatively 
as the sulfide, or electrolytically as the metal on a platinum 
cathode. It is sometimes determined by heating the sample 
in a combustion tube and passing the vapors through a 
weighing tube containing gold leaf to absorb the mercury. 
Mercurous salts may be precipitated and weighed as the 
chloride. Mercuric salts are sometimes analyzed volu- 
metrically by titration with iodide. 


Chapter IX 


SUBGROUP III. GALLIUM, INDIUM, 

AND THALLIUM 

1 . The elements of Subgroup III are extremely rare and 
of slight industrial importance. They form compounds in 
which they have an oxidation state of + 3, and, in the case 
of thallium, compounds also of the + 1 state. In spite of 
the higher positive charge on their ions, they do not show 
as great tendencies to form “coordination compounds” or 
complexes as do the elements of Subgroup II. The first 
electron is rather easily removed, and as a consequence, 
compounds of the elements give characteristic colors in hot 
Bunsen flames; in fact, all of the elements of this group 
were discovered (between 1860-1875) through spectroscopic 
means. The name thallium (from Latin thallus, a budding 
twig) refers to its green spectrum; and the name indium, to 
its indigo-blue spectral lines. Gallium was named in honor 
of France (Latin, Gallia). 

The + 3 compounds are similar to those of aluminum; 
with the exception that the acid character of the hydroxides 
decreases with increasing size of the atoms, and the po- 
tential of the ions as oxidizing agents increases. 

2. Occurrence. — The elements occur widely distributed, 
but only in minute quantities. The average percentages of 
the elements present in igneous rocks are given as: gallium, 
10““; indium, 10““; and thallium, 10“^®. Gallium is a com- 
mon constituent of zinc, iron, aluminum, and chromium 
ores, but is seldom present in quantities as high as 0.01 per 
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cent. In small amounts, it is a very common impurity in 
pig iron and in commercial aluminum. Indium is usually 
associated with zinc blende, and often with ores of tungsten 
and tin. Its principal source is zinc, in which it sometimes 
occurs to the extent of 0.1 per cent. It is estimated that 
several thousand tons of gallium and indium could be re- 
covered yearly as by-products of the zinc and coal indus- 
tries. Thallium is associated with the alkalies, and also 
with iron, zinc, lead, tellurium, and other elements. It is 
most commonly obtained from the flue dust of sulfuric acid 
works in which thalliferous pyrites are burned. 

3. Preparation of Metals. — The extraction of the metals 
is largely a problem of separating the small quantities of 
their compounds from other metallic constituents, and is, 
therefore, best considered after a discussion of the proper- 
ties of the various ions. The metals are easily obtained by 
reduction with zinc, or by electrolysis. 


TABLE I 

Atomic and Physical Properties 


Element 

Gallium 

Indium 

Thallium 

Symbol 

Ga 

In 

T1 

Atomic weight 

69.72 

114.76 

204.39 

Atomic number 

31 

49 

81 

Isotopes 

69, 71 

113, 115 

203, 205 

Ionization potential of gaseous atoms 
in volts, 1st electron 

5.97 

5.76 

6.07 

2d electron 

20.43 

18.79 

20.32 

3d electron 

30.6 

27.9 

29.7 

Radius of ion in crystals, cm. X 10®. . . 

0.62 

0.81 

0.95 (ic) 

Melting point C 

29.75 

155 

1.15 (ous) 
303.5 

Boiling point ° C 

1,700 

> 1,450 

1,650 

Density 

5.91 

7.3 

11.85 

Electrical resistivity, ohm/cm. X 10® . 

53 at 0° 

9 at 20" 

18.1 at 20" 

Electrode potential, 

M = volts 

4- 0.52 

+ 0.34 

- 0.72 

Principal spectral lines, wave lengths, 
cm. X 10® 

4,172.2 

4,511.55 

3,519.37 

4,033.2 

4,101.95 

3,256.22 

3,039.46 

3,775.89 

5,350.70 
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4. The Metals. — Many of the properties of the metals 
have been summarized in Table I. Galliitm is a hard, brit- 
tle, grey metal. It melts just above room temperature, and 
remains a silver white liquid of low vapor pressure through 
a temperature range of about 1,500 degrees. The metal 
expands upon changing from liquid to solid. The liquid 
supercools readily and may be kept in the liquid state even 
at 0° C. A possible application is in the construction of high 
temperature thermometers using quartz tubes. Indium is 
a lustrous silver metal almost as soft as lead, and is both 
ductile and malleable. Its commercial applications are very 
limited at present. Suggested uses include the manufacture 
of a non-tarnishing silver alloy, and as a protective coating 
for automobile bearings. Thallium is bluish-white in color, 
easily cut with a knife, malleable, but of low tensile strength. 
The metal exists in two crystalline modifications with a 
transition at 226° C. Like the other two metals, the liquid 
is stable over a very long range of temperature. 

6. Reactions of the Metals. — Gallium is only superficially 
oxidized in air at red heat; indium is not appreciably oxi- 
dized in air at 25°, but bums with a blue flame when heated, 
forming InjOs; thallium oxidizes slowly at 25°, and rapidly 
at higher temperatures, forming both TLO and TI2O3. 
Gallium and indium dissolve fairly readily in hydrogen ion 
with the evolution of hydrogen gas and the formation of the 
ions; thallium dissolves forming thallous ion or thallous 
salts. They unite directly with the more electronegative 
elements, and are, of course, oxidized by even moderately 
strong oxidizing agents, as indicated by their oxidation- 
reduction potentials (Table I). 

6. Gallic Ion and Its Compounds. — Gallic ion is colorless 
and its salts with colorless negative ions are white. Gallic 
oxide, Ga203, resembles aluminum oxide. Gallous oxide, 
Ga20, is known but it is unstable with respect to its de- 
composition into the + 3 oxide and the metal. The hy- 
droxide, Ga(OH)3, is precipitated by alkali and ammonium 


§7] 


SUBGROUP III. GALLIUM, INDIUM, THALLIUM 


147 


TABLE n 

Reactions of the Metals 

4M + 3 O 2 = 2 M 2 O 3 Ga slowly. T1 also forms TLO 

2M + 6H‘'' = 4* 3 H 2 With Ga and In. T1 forms Tl"^ 

2M + 20H~ + 2 H 2 O = 2 MO 2 - + 3 H 2 With Ga 

2M -j- 3 X 2 = 2MX3 X denotes halogens. T1 also forms 

TIX 

2M 4“ 3S = M 2 S 8 Analogous reactions with Se, Te, P, 

As. 

hydroxides, and the precipitate is soluble in excess of the 
reagent, forming gallates. Approximate values for the basic 
and acidic dissociation constants are: 

Ga(OH )5 = Ga+++ + 30H- Z == 5 X 

HsGaOs = HGaOs- + H+ Z = 1 X IQ-i® 

Gallic ion, like aluminum, in the presence of carbonate ion, 
is completely hydrolyzed, leading to the precipitation of the 
hydroxide. The sulfates, nitrates, and halides are soluble, 
but the solutions are highly hydrolyzed and precipitate 
basic salts upon boiling. A dichloride, GaCU, appears to be 
formed by heating the trichloride with excess of the metal. 
The salt evolves hydrogen in water and forms basic gallic 
chloride. Gallic ion readily forms alums. The ferrocyanide 
is insoluble, even in solutions strongly acid with hydro- 
chloric acid. The white sulfide, Ga 2 S 3 , is not precipitated 
except in the presence of other sulfides, such as zinc, copper, 
or arsenic, and then only when the solution is alkaline or but 
slightly acid. 

7. Analytical. — Gallium is precipitated with the iron 
aluminum zinc group in qualitative analysis. It may be 
separated from the other elements of the group, except ferric 
iron, by converting to the chloride and extracting with an 
ether-hydrogen chloride solution. The iron may be re- 
moved by reduction to ferrous and repeating the ether 
separation. The commercial separation from the zinc, with 
which it is usually associated, may be effected by converting 
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into the chlorides, and fractional precipitation by sodium 
carbonate. The gallium concentrates in the first precipitate. 
It is separated from indium by taking advantage of the 
greater solubility of gallium hydroxide in excess alkali. 
The separation from zinc and indium may also be accom- 
plished by fractional electrolytic precipitation. Quantita- 
tively gallium is precipitated with aqua ammonia, remov- 
ing the excess ammonia by boiling, and is weighed as the 
sesquioxide. 

8. Indie Ion and Compounds. — ^The ion, In+++, is color- 
less; ammonia or alkali hydroxides precipitate it as the 
hydroxide, In(OH) 3 . The hydroxide forms the sesquioxide, 
InsOa, upon heating, and upon strong ignition the oxide, 
In 304 . Heated to 300° in hydrogen, the oxide, InaOz, ap- 
pears to be formed. The hydroxide is soluble to a very 
small extent in strong alkali hydroxide (but not in dilute 
ammonium hydroxide), probably forming indate ion, InOa". 
The carbonate is but slightly soluble, and, unlike gallium, 
is but slightly hydrolyzed. It is soluble in excess ammonium 
carbonate, but not in excess sodium carbonate. The nitrate, 
sulfate, alums, and halides are soluble. The halides re- 
semble the cadmium compounds in that they are weak salts. 
Mono- and dihalides are formed by heating the trichlorides 
with excess metal, but these lower halides are unstable in 
water solutions: Sin"*" = In"*^ -f- 2In, and3In++ = 2In''^'*' 
+ In. From analogy to mercurous ion the -f- 2 ion should 
have the formula Inz"*^. Yellow indium sulfide, In 2 S 3 , is 
precipitated by hydrogen sulfide in the presence of very 
dilute acid. It is somewhat soluble in a very high concen- 
tration of sulfide ion. The cyanide is but slightly soluble in 
water, but dissolves in excess cyanide. The ferrocyanide 
and chromate are also but slightly soluble, 

9. Analytical. — ^The separation of indium from indiferous 
zinc, the principal source of the element, is usually accom- 
plished by dissolving the metal in acid, and precipitating 
indium and iron by the addition of ammonium hydroxide. 
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The indium is separated from the iron present by dissolving 
the hydroxides and precipitating indium sulfide in acetic 
acid solution by hydrogen sulfide. 

In the systematic qualitative separation, indium, like 
gallium, is precipitated with the iron-aluminum-zinc group. 
It is similar to zirconium and titanium in that the hydroxide 
is not dissolved when boiled with NaOH and Na202, but 
differs in the precipitation of the sulfide from a fluoride 
solution by NH4OH and (NH4)2S. 

10. Equilibria between Thallous and Thallic Ions. — 
Thallic ion, T 1 +++, is a strong oxidizing agent (Table III), 
being reduced to thallous ion, T 1 +. Further reduction re- 
quires a fairly powerful reducing agent. The reaction, Tl^"*^ 
+ 2 T 1 = STl"*", takes place practically to completion. Hot 
water is decomposed by thallic ion: Tl''^+ -f H2O = Tl'*' 
-t- 2 H''' + 5O2. Thallic compounds decompose in general, 
upon heating, with the formation of the thallous compound: 
e.g. TICI3 = TlCl + CI2, and TI2S3 = TI2S + 2 S. 

TABLE III 

Oxidation-Reduction Potentials of Thallium 


Volts 

T1 -H I- = Tin- e- : 0.77 

T1 -P Br- »» TlBr + e- 0.66 

T1 -P Cl- = TlCl + e- 0.56 

T1 == T1+ -f e- 0.336 

T1+ B T1+++ -I- 2e- - 1.2 


11. Thallous Ion and Compounds. — In the solubilities of 
most of its salts, thallous ion resembles plumbous ion; 
while in size and other physical properties, basic nature of 
the hydroxide, and lack of tendency to form complex ions, 
it resembles potassium. Thallous ion is like stannous and 
plumbous ions in having a pair of valence electrons left in 
the valence energy level. Thallous oxide, TI2O, readily 
absorbs water to form thallous hydroxide, TIOH. The latter 
is fairly soluble and is a strong base. The decomposition 
pressure of steam over the hydroxide, 2 T 10 H = TI2O 
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+ H 2 O, reaches one atmosphere at 139° C. The chloride, 
bromide, and iodide are but sparingly soluble, and the 
solubility is decreased by the presence of excess halide ion. 
However, the cyanide appears to be soluble in excess cy- 
anide ion. Thallous sulfide, TI 2 S, is precipitated in neutral 
or alkaline solution. The solubility product of the sulfide is 
given as 1.2 X 10~^. Thallous carbonate is fairly soluble. 
The chromate, normal phosphate, chloroplatinate, and co- 
baltinitrite are sparingly soluble. Thallous sulfate is some- 
times used in the preparation of poison grain to kill rodents. 

12. Thallic Ion and Its Compounds. — ^Thallic ion resem- 
bles aluminum ion except that it is larger, and its hydroxide 
does not possess acid properties. The hydroxide is ex- 
tremely insoluble and the soluble thallic compounds such 
as sulfate and nitrate are highly hydrolyzed. Oxygen reacts 
with thallium just below red heat to form thallic oxide, 
TUOsi at higher temperatures mixed thallic and thallous 
oxides are formed. Chlorine, passed into a suspension of 
thallous chloride, produces thallic chloride. Upon evapora- 
tion, the hydrate, TlCl3*3H20, may be obtained, and in 
the presence of ammonia the ammoniate, TlCl3'3NH8, 
separates. The trichloride forms complex ions with excess 
chloride, and a complex thallous chlorthallate exists, 
TITICI4. The bromide is quite similar to the chloride, but 
the iodide. Tils, is probably thallous triiodide. The sulfide, 
TI2S3, is very unstable, and forms thallous sulfide and 
sulfur. 

13. Analytical. — ^Thallous chloride is soluble in hot water 
and not in ammonia, thus resembling lead chloride. The 
iodide is much less soluble than the chloride and is con- 
sidered the most satisfactory test for thallous ion. It is but 
slightly soluble in thiosulfate. The extraction of thallium 
from the flue dust of sulfuric acid plants is based upon the 
slight solubility of the chloride, the non-precipitation of 
thallous carbonate by alkali carbonates, the precipitation of 
thallous sulfide by ammonium sulfide, and the reduction of 
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the compounds to the metal by zinc. Quantitatively, 
thallium is usually precipitated and weighed as the thallous 
iodide. It may also be determined by titrating with stand- 
ard permanganate, which in acid solution oxidizes thallous 
salts to thallic. 



Chapter X 


GROUP VII. THE HALOGENS: FLUORINE, 
CHLORINE, BROMINE, IODINE 

1. The elements of Group VII, fluorine, F, chlorine Cl, 
bromine, Br, iodine, I, are called the halogens from a Greek 
word meaning salt-producing, since they all combine with 
the alkali metals to produce salts like sodium chloride. 
Fluorine and chlorine are gases; bromine is a volatile liquid ; 
and iodine is a solid, easily melted and vaporized. The 
chemical behavior of these elements is related to the fact 
that each has 7 valence electrons (Table I). The removal of 
one of the 7 valence electrons requires a rather high po- 
tential, as shown by the value of the ionization potential 
of the gaseous atoms. This group tends to add an extra 
electron so as to produce the octet of the noble gas element 
of next higher atomic number (Chap. II). With increasing 
size of the atoms, i.e., going down the periodic group, the 
attraction for the electrons decreases, as is shown by the 
decreasing ionization potential and electron affinity. . Be- 
cause of their high electron affinity the halogens are power- 
ful oxidizing agents, Xj ■+■ le~ = 2X“, although much of 
the energy of the reaction in water arises from the energy 
of hydration of the negative ion. Fluorine not only has the 
largest electron affinity, but, due likewise to its small size, 
the ion has the highest energy of hydration; consequently 
fluorine is the most powerful oxidizing agent the chemist 
can prepare. 

These elements, with the exception of fluorine, also give 
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compounds in which their oxidation state is positive, as 
illustrated by the following: 



HCIO 

HCIO2 

HCIO3 

HC104 

Oxidaition state 

- 1-7 

+ 3 

-PS 

-P7 



It is arbitrary to assume that the halogen has lost elec- 
trons to the oxygen in such compounds, for the electrons 
are probably in reality shared by both, as indicated by the 
electron formulas, such as 

:b : 

H : b : Ci : b : 

« • • • • • 

: O : ' 

From this picture, it is obviously untrue that the actual 
charge upon the chlorine atom is -|- 7. The concept of the 
oxidation state of -f 7 is most useful in correlating oxida- 
tion and reduction reactions. The half reaction which relates 
chlorine and perchlorate in aqueous acid solutions is, 

^Cl 2 -h 4 H 2 O = ClOr -f 8H+ + 1e- 

Thus the oxidation of the element to perchlorate involves 
the loss of seven electrons. Actually this loss is shared be- 
tween the chlorine and the oxygen but for simplicity we 
ascribe all of it to the chlorine and say the oxidation state 
IS -j- 7. 

Tlie tendency to form an octet with the valence electrons 
is made evident in the free element by the formation of the 
diatomic molecules in which the 2 atoms share their 7th 
electrons, so that each is in at least partial possession of an 
octet. 


As might be expected, the bond grows weaker with increas- 
ing atomic radius, as shown by the increasing ease of dis- 
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sociation, and also by the decreased constraint under which 
the shared electrons are held, which is evident from the in- 
creasing dielectric constant. 

TABLE I 

Properties of the Halogens 


Name 

Fluorine 

Chlorine 

Bromine 

Iodine 

Symbol 

F 

Cl 

Br 

I 

Melting point " C 

-223 

-102.1 

-7.3 

113 

Boiling point ® C. . 

-188.3 

-34.7 

58.0 

183 

Color of gas 

Light yellow 

Greenish 

Reddish 

Violet 


yellow 

brown 

Atomic volume of solid, cc 

17.15 

23.52 

27.13 

34.23 

Atomic weight 

19.0 

35.46 

79.92 

126.92 

Isotopes 

19 

35, 37 

17 

79, 81 

127 

Atomic number 

Electrons in various quantum 

9 

35 

53 


levels, 1st 

2 

2 

2 

2 

2d 

7 

8 

8 

8 

3d 

— 

7 

18 

18 

4th 

— 

— 

7 

18 

5th 






7 

Ionizing potential of gaseous atoms, 





volts 

17.34 

12.95 

3.75 ' 

11.80 

10.6 

Electron affinity of gaseous atoms, 

volts 

4.13 


3.S3 

3.22 

Radius of X“ in crystals, cm. X 10® 

1.36 

1.81 

1.95 

2.16 

Heat of vaporization, cals, per mole 

1,640 

4,420 

7,418 

10,388 

Heat of fusion, cals, per mole 

— 

1,615 

2,580 

3,650 

_ , . ^ f Heat, cals, per mole . . 

Reaction 1 constant at 

= [ iQQQO 

62,600 

56,900 

45,200 

35,400 

— 

10-8 

0.008 

0.1 

Dielectric constant of solid 


2.0 

3.2 , 

4.0 

Solubility in water, moles of Xa per 


liter, 20® 

Decomposes 

0.090 (1 atm.) 

Liq. 0.210 1 

1 

Sol. 0.00133 

Distribution ratio, solubility 

CCU/HaO, 0® 



20.0 

27.0 

85.5 




2. Occurrence. — ^The estimated per cent of the halogens 
In the earth’s crust is: F, 0.1; Cl, 0.2; Br, 0.001; I, 0.001. 
Sea water contains about 2 per cent of chloride ion, and 
0.006 per cent of bromide ion. The greater portion of the 
fluorine is in the form of fluorspar, CaFs, and cryolite, 
NasAlFs- The occurrence of great deposits of the alkali 
halides is discussed under the alkali elements. In addition to 
the alkali halides, there are found in nature chlorides, bro- 
mides, and iodides, of the alkaline earths, silver, lead, cop- 
per, mercury, and bismuth. The major portion of the 
bromine of commerce formerly came from the bromo- 
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carnallite, MgBr2-KBr6H20, of the Stassfurt (Germany) 
deposits, and from various American salt brines, especially 
those of the Saginaw Valley, Michigan. With the introduc- 
tion of the modern method for the extraction of bromine 
from sea water, this source now supplies most of the Amer- 
ican market. The principal source of iodine is the Chile 
deposits, where it occurs largely in the form of iodate, 
NalOs, and periodate, NaI 04 . The largest source in the 
United States is from the oil well brines in California. Blood 
contains approximately 0.25 per cent chlorine as chloride 
ion, and the gastric juices 0.2 to 0.4 per cent free hydro- 
chloric acid. Iodine is found in the various human tissues, 
the thyroid gland containing the highest per cent. Many 
marine plants exercise a selective absorption of iodide, even 
in the presence of far greater concentrations of chloride and 
bromide; hence dried seaweed is another important source 
of iodine. 

8. Preparation and Uses of Free Elements. — ^Fluorine 
was first prepared by Moissan (1886) by the electrolysis of 
potassium fluoride in liquid hydrogen fluoride in a platinum 
vessel. It is now more conveniently prepared by the elec- 
trolysis of fused sodium or potassium hydrogen fluoride, 
using a copper vessel and graphite anode. Copper is at- 
tacked by fluorine, but the surface layer of copper fluoride 
protects the vessel from corrosion. 

Chlorine. Although the greenish yellow fumes formed by 
the qxidation of chlorides by various oxidizing agents had 
long been observed, it remained for Scheele (1774) to clear 
up their meaning. He prepared chlorine by heating a mix- 
ture of manganese dioxide and hydrochloric acid. He con- 
sidered the gas to be “dephlogisticated muriatic acid,’' 
meaning muriatic acid (hydrochloric) freed from phlogiston 
(the element of combustion). 

Davy (1810) established its identity as an element. 
Scheele’s method is still the one usually used for its labora- 
tory preparation. It is also prepared by dropping dilute 
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hydrochloric acid upon potassium permanganate: 2KMn04 
+ 16 HC 1 = 8H2O + 2 KCI + 2MnCl2 + SCIj, and by the 
action of dilute sulfuric acid upon bleaching powder: 
CaCl(ClO) + H2SO4 = CaS04 + H2O + CI2. 

Most of the chlorine of commerce is prepared by the 
electrolysis of brine as described under the preparation of 
sodium hydroxide. The annual production in the United 
States is over 400,000 tons. From the equilibrium electrode 
potentials (Append. II), one would expect oxygen to be 
liberated upon electrolysis of a brine solution; and this is 
the case in low concentration of salt: 0 . 2 iV' NaCl yields 
about 20 per cent oxygen and 80 per cent chlorine at the 
anode. However, the oxygen evolution requires a high 
overvoltage (Append. I), and in more concentrated solu- 
tions only 1 or 2 per cent of oxygen is liberated. 

The Deacon process, employing the oxidation of hydrogen 
chloride by oxygen (Par. 6), has been of some importance 
in the past. Attempts have also been made to operate the 
reaction, MgCl2 + IO2 = MgO -1- CI2, commercially at a 
high temperature. The magnesium oxide is reconverted to 
the chloride by hydrochloric acid. 

Approximately two thirds of the chlorine manufactured 
is used in bleaching, chiefly of pulp and paper. Large quan- 
tities are also used in water purification as a germicide, and 
in the manufacture of organic dyes, explosives, and chem- 
icals. It is usually liquefied and sold in cylinders, or con- 
verted into bleaching powder, CaCl(ClO), by action upon 
lime (Par. 6). The chlorine is again liberated from the 
bleaching powder upon the addition of acid. It was used 
extensively in the World War, at first directly as a poison 
gas, and later in the preparation of most of the other war 
gases, such as phosgene, COCI2, and “mustard gas,” 
(C2H4a)2S. 

Bromine may be prepared from the bromides by any of 
the methods used for chlorine. It is recovered commercially 
in Germany from the waste liquors of the potash industry, 
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and in America from various salt brines. The method de- 
pends upon the oxidation of bromide by chlorine. A com- 
mercial process has been developed for the recovery of 
bromine from sea water. Free bromine is liberated by 
chlorine, and precipitated as tribromoaniline upon the addi- 
tion of aniline. The process is capable of extracting a 
pound of bromine from 1,800 gallons of sea water. 

Liquid bromine is used in the preparation of most of the 
bromides and other compounds of the element. Like chlo- 
rine, it is used in the preparation of intermediate products 
in the synthesis of organic compounds, an example being 
the lead-tetraethyl now added in small amounts to gasoline 
to prevent “knocking.” The major portion of the American 
production of bromine is consumed in this process; ethylene 
dibromide is the intermediate compound which is first 
formed. 

Iodine is extracted from kelp by oxidation of the iodides 
with chlorine, or manganese dioxide in acid, or even by 
sulfuric acid. The principal source is, however, the Chile 
deposits containing sodium iodate and periodate. Iodine 
is liberated by reduction with sodium bisulfite: 2103 “ 
-f SHSOs" = L -f SSO 4 + H 2 O + 3H+; it is then re- 
moved and purified by sublimation. 

Iodine is used in synthesis of aniline dyes, and iodides are 
employed somewhat in photography. It is also used in 
medicine as an antiseptic; in alcohol solution, known as 
tincture of iodine; in iodoform, CHI 3 ; and as metallic 
iodides, in the prevention and cure of goiter, and other dis- 
orders of the thyroid gland. 

4. Physical l^operties. — ^Table I gives the colors of the 
elements in the gaseous state. In the liquid state, the colors 
are, of course, deeper. Liquid bromine and iodine are 
opaque except in very thin layers. Solid iodine is dark 
grey with a slight luster. 

Solutions of chlorine and bromine in water show colors 
closely resembling those of the gases. Iodine dissolves in 
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many solvents, such as carbon tetrachloride, chloroform, 
and hexane, with a violet color resembling that of the 
vapor; but in solvents of high dielectric constant such as 
water and alcohol, its solution is brown. The progression 
in color in the gaseous halogens with increasing atomic 
weights is due to an absorption band, which in fluorine is 
nearly all in the ultraviolet, removing only a little of the 
visible light at the violet end of the spectrum, thus causing 
the transmitted light to have an excess of the complemen- 
tary color, yellow. With chlorine this band has moved down 
into the blue, and so on, until with iodine the band removes 
the middle portions of the visible spectrum allowing only 
red and violet light to be transmitted. 

The density in the gaseous state corresponds to mole- 
cules of 2 atoms each, which is confirmed by the figures for 
the same elements in solution. Heated to sufficiently high 
temperatures, the diatomic molecules gradually break down 
into single atoms. The dissociation of iodine in this way 

becomes noticeable below 
700°. Progressively higher 
temperatures would be nec- 
essary for the correspond- 
ing dissociation as we go 
from iodine to the lighter 
halogens, as indicated by 

70 90 ito too 160 170 T“c dissociation constants 

Fig. 1. Temp^toa^pressure diagram j^eats of dissociation 

given in Table I. 

Although solid iodine may be melted at 1 atmosphere 
pressure, it sublimes without melting below a pressure of 
100 mm. as is indicated in the phase diagram. Fig. 1. 

The halogens, with the exception of fluorine, are soluble 
in water (Table I). Chlorine and bromine form the hy- 
drates, C12-8H20 and Br2*10H2O. The former is stable up 
to 28.7° under a pressure of 6 atm. of chlorine, and the latter 
to 6.2° under a pressure of 93 mm. of bromine vapor. 
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Above 28.7°, chlorine under pressure forms with water two 
liquid layers. Bromine likewise forms two liquid layers, but 
the lower layer contains only a very small amount of water, 
0.04 per cent at 10°. 

6. Reactions of the Halogens. — The chemical behavior as 
related to atomic structure, has been discussed in Para- 
graph 1. Fluorine and chlorine are capable of oxidizing all 
metals, while bromine and iodine can oxidize all but the 
noblest. The products of these reactions are halides. The 
halogens do not react directly with oxygen or nitrogen. 
Fluorine reacts directly with all other elements except 
nitrogen, oxygen, chlorine, and the noble gases; and chlo- 
rine with all but these and carbon. Bromine and iodine are 
less reactive. 

The reactions of the halogens with hydrogen are dis- 
cussed in detail under the hydrogen halides. The halogens 
act upon many hydrocarbons, displacing hydrogen and 
forming the halogen acid: e.g. CH4 -|- CU = CH3CI + HCl. 
They also unite directly with many unsaturated com- 
pounds: C2H4 + CI2 = C2H4CI2 and CO -f CI2 = COCI2. 
They readily oxidize sulfur in most of its compounds: e.g. 
CS2 -}- 2CI2 = CCI4 -I- 2S. Excess of chlorine (or bromine 
but not iodine) will oxidize sulfur to sulfate in water solu- 
tion. 


TABLE II 

Oxidation-Reduction Potentials of Halogen-Halide Couples 


VOLTSj," 

4-6- -0.53S 

Br" = iBr 2 + — 1.06S 

Cl- = ids -I- e- -1.358 

F- = JF2-|-e- -2.85 


The oxidation-reduction potentials (Table II) of the free 
elements to the halide ions are extremely important, es- 
pecially in connection with the general table (Append. II) 
in predicting many reactions. Thus, bromine will oxidize 
iodide, 1“ + |Br 2 = II 2 + Br", but will not oxidize chloride 
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or fluoride; and all of the halogens except iodine will oxi- 
dize ferrous ion to ferric : Fe"^ = Fe'*"'"*" + e~, — 0.77 volt. 

The halogens undergo two important reactions with 
water: 

(1) Xa -h H 2 O = 2H+ -f 2X- -t- IO 2 

(2) X 2 -f H 2 O = H+ ^ X- + HXO 

The potential values at 25° for reaction (1) in volts are: 
F 2 , 2.0; CI 2 , 0.6; Br 2 , 0.3, and I 2 , — 0.3 (i.e., in the reverse 
direction). Thus fluorine reacts vigorously with liquid 
water, liberating not only oxygen but ozone ; chlorine reacts 
slowly in sunlight, liberating oxygen. On the other hand, 
moist hydrogen chloride gas reacts with oxygen with the 
aid of a catalyst to give a detectable amount of chlorine. 
Bromine liberates oxygen only very slowly from water, and 
the reaction is reversed if the hydrobromic acid has a high 
concentration. Iodine, on the other hand, is liberated from 
a solution of hydrogen iodide by oxygen, the speed of the 
reaction increasing rapidly with an increase in hydrogen ion 
concentration. 

At a temperature of 450°, an equilibrium is reached be- 
tween chlorine, steam, hydrogen chloride, and oxygen by 
means of which it is possible to convert two thirds of the 
hydrogen chloride into chlorine. This is the basis for the 
Deacon process once used for the manufacture of chlorine. 
Hydrogen bromide is completely oxidized to bromine at 
this temperature. 

Reaction (2), the hydrolysis of the halogen, likewise 
takes place less completely, the higher the atomic weight of 
the halogen. In the case of fluorine the reaction cannot be 
observed because of the rapidity of reaction (1). With the 
other halogens a reversible equilibrium is established. At 
25°, the equilibrium constants are: for CI 2 , 4.8 X 10“^; for 
Br 2 , 5 X 10"®; for 1 2 , 3 X 10~“. The hydrolysis may in 
every case be largely repressed by the presence of acid, and 
increased by the addition of alkali. Thus, hydrogen chloride 
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added to hypochlorite liberates chlorine; and chlorine in 
sodium hydroxide solution is converted completely into 
chloride and hypochlorite. For a O.OlJlf CI 2 solution, the 
above equilibrium constant corresponds to about 85 per 
cent hydrolysis. The electronic picture of the hydrolysis 
consists of a splitting of the halogen molecule and a union 
of the positive halogen atom with water. 

Electron formulas 


:X:X: + H;0:H = :X: + H + :X:0:H 


Ordinary formulas 

X 2 + H 2 O = X- + H+ + XOH 


TABLE III 

SOMMARY OF IMPORTANT REACTIONS OF HALOGENS 
X = halogen 


Xa 4- Ha = 2HX 

Xa + HaO « 2HX + iOa 

Xa + H 2 O = H+ H- X- 4- HXO 

nXa + 2M = 2MXn 

3 X 2 + 2P « 2PX8 

SXa + 2P = 2PX6 

Xa + RH = RX + HX 
mXa + 2CnH*a = XmHX + 2nC 

Xa + CO === COX 2 
Xa Hh SO 2 = SO 2 X 2 
Xa +• HaS « 2HX + S 
Xa 4" 2S = SaXa 

4X2 + SaOs— + lOOH" « 2SO4— 
+ 8X- + 5 H 2 O 
I2 4“ 28208^ = S 4 O 6 4" 21*” 

3X2 -f SNHa “ 6NH4X 4- Na 
3Cl2 + NH4+ = NCls 4- 4H+ 4- 301" 
2X2 4- TiOa 4- 2C « TiX4 4- 2C0 


cf. Par. 7 
cf. Par. 6 
cf. Par. 6 
With most metals 
Also with As, Sb, Bi 
Not with la. Also As» Sb with Fa 
and CI2 

RH many organic hydrocarbons 
At high temperature. Less readily 
with Bra and la 
With CI2 and Bra 
. With F2 and CI2 
Excess HaS 

With CI 2 and Bra. F 2 forms SFa, Cla 
also forms SCI 4 


Neutral or slightly acid solution 
With F2, Cl 2, Bra 
I2 forms NIs’NHs with NHj 
With CI2 and Bra. Also SiOa, CraOa, 
etc. 


Compounds of the Halogens 

6. Halogen Halides. — In view of the great difference in 
the electronegative character of the halogens, it is not sur- 
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prising that the more positive form compounds with the 
more negative. Thus, iodine forms IF7(m.p. 5°), IF* 
(m.p. —8°), ICl (2 forms m.p. a 27.2°, /S 13.9°), Ids 
(m.p. 33°), and IBr (m.p. 42°); and bromine forms BrFs 
(m.p. - 61.3), BrFs (m.p. 9°), BrF (m.p. - 33°) and BrCl 
(m.p. — 66°) and chlorine forms CIF3 (m.p. — 83°) and 
CIF (m.p. — 156°). The positive character of the larger 
halogen in these compounds is indicated, for example, by 
electrolysis of liquid iodine chloride, ICl, and also by its 
solution in sulfur dioxide, whereby iodine is liberated at the 
cathode, and chlorine at the anode. Hydrolysis gives the 
corresponding oxy-acid of the positive halogen, and the 
halide ion of the other. IFs + 3H2O = lOs" + 5F“ + 6H~. 
Because of the instability of the lower oxy-acids, the first 
step is not always realized: thus, 5IC1 + 3H2O = 2I2 
+ 5C1- + IO3- + 6H+. 

Iodine monochloride is formed by the direct action of 
chlorine upon iodine, and by the reaction, HIO + HCl 
= ICl + H2O. By the latter reaction, iodine monochlo- 
ride is often formed through the reduction of iodates, or the 
oxidation of iodides in moderately concentrated hydro- 
chloric acid. It hydrolyzes in dilute acid. 

The chloride reacts with excess chloride ion to form the 
complex ion 

ICI2- = ICl(aq.) + Cl- K = 6X lO'* 

and the potential of the oxidation of iodine to the complex 
ion, 

2C1— 2 I 2 = ICI 2 — -j- 6 ~ 


is given as —1.06 volts. (Cf. Par. 18.) If the formation of 
iodine monochloride in concentrated hydrochloric acid is 
accompanied by the liberation of chlorine, iodine trichlo- 
ride, ICI3, results. Salts, such as KICI4, are known. 

7. Hydrogen Halides. Preparation. — The hydrogen hal- 
ides may be formed by direct union of the elements. As 
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shown in Table IV, the reaction: X 2 + Hs = 2HX, de- 
creases in energy with increasing atomic weight of the halo- 
gen. Fluorine and hydrogen combine instantly, even at a 
temperature of - 253° C., where fluorine is solid and hy- 
drogen liquid. The rate of combination of hydrogen and 
chlorine is slow in the dark, but takes place with explosive 
violence in the sunlight, or at 250° C. The increased speed 
under these conditions is doubtless due to the absorption of 
radiant energy by the chlorine molecule, and the more 
rapid reaction of this activated molecule. Of course, as soon 
as a few molecules react, enough energy is liberated to acti- 
vate many molecules. Some idea of the force holding the 
HCl molecules together is given by the consideration that 
the formation from hydrogen and chlorine involves the dis- 
sociation of CI 2 , 56,900 cal., and H 2 , 103,730. The reactions 
of hydrogen with bromine and iodine are very slow at room 
temperature, and are catalyzed by light and by platinum 
at higher temperature. 


TABLE IV 


Property of Hydrogen Halides 


Boiling point. 
Melting point 


iHa + iX* - HX 


I Heat kcal. . . 
Per cent dis- 
sociation 
, at 1000°. . 
Solubility in water 1 at. and 20° C. 

g. per 100 g. of solution 

Heat of solution at infinite dilu- 
tiout kcal 


Constant boiling 
mixture, 1 at. 


I Temp 

I Density 

I Wt. per cent 
1 of acid 


Dielectric constant of liquid 

Heat of neutralization of dilute 
acid in kcal 


HF 

HCl 

HBr 

HI 

20 

- 85 

- 67 

- 36 

- 83 

- 114 

-- 87 

- 51 

6i.O 

22.0 

13.5 

- 0.8 


1.34 X 10““ 

0.144 

29.0 

35.3 

42 

49 

57 

11.6 

17.3 

19.9 

19.2 

120 

110 

126 

127 

1.14 

1.10 

1.49 

1.70 

35.37 

20.24 

47 

57,0 

66 

9 

6 

3 

16.2 

13.4 

13.4 

13.4 


Hydrogen fluoride and chloride are usually prepared by 
the action of the less volatile sulfuric acid upon a halide salt. 
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such as CaFa and NaCl. In the case of hydrogen chloride, 
the reaction is the first step in the LeBlanc carbonate 
process (cf. IV — 13), The acid sulfate is first formed: 
NaCl + H2SO4 = HCI + NaHS04, and the mixture is 
heated to a temperature of about 500 °, in order to complete 
the second step: NaCl + NaHS04 = HCI + Na2S04. Be- 
cause of the oxidation of bromide and iodide by hot con- 
centrated sulfuric acid, H2SO4 + 2HI = I2 + SO2 + 2H2O, 
this acid is replaced usually by phosphoric acid in the prepa- 
ration of hydrogen bromide and iodide. The acids may be 
prepared by the hydrolysis of the halides of the more nega- 
tive elements, such as phosphorus, sulfur, or arsenic: 
PBra + 3H2O = H3PO3 + 3 HBr. The halides of the noble 
metals may be reduced with hydrogen at a high tempera- 
ture to form the hydrogen halide: 2 AgCl -f- H2 = 2 Ag 
+ 2 HCI. These acids are also formed by the action of the 
halogens upon many organic hydrocarbons: CeHe -+■ Bra 
= CeHjBr + HBr. A solution of hydrogen iodide is con- 
veniently prepared by the action of hydrogen sulfide upon 
a suspension of iodine in water: H2S -+• I2 = S -f 2 HI(aq.), 
With gaseous HI this reaction is reversible. 

8. Properties. — The hydrogen halides are all colorless 
gases; they possess a disagreeable pungent odor, fume 
strongly in moist air, are extremely soluble in water; their 
water solutions, with the exception of hydrogen fluoride, are 
strongly acidic. The water solutions are called hydrofluoric 
acid, hydrochloric acid, etc. In the pure liquid state, they 
have a low electrical conductivity, of about the same mag- 
nitude as that of pure water. The approximate values for 
the dielectric constants of the liquids indicate that the elec- 
trical polarization decreases with increasing molecular 
weight. Hydrogen fluoride gas polymerizes, forming (HF)6. 
At 20 ° C. and 745 mm., 80 per cent of the HF is so poly- 
merized. This property is not shown by the other gases. 

The water solutions exhibit the phenomena of boiling 
point m axim a. The temperature composition diagram for 
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hydrochloric acid is given in Fig. 2. The curve represents 
the temperature at which a given composition of the a c i d 
will boil, i.e. the temperature ^ 
at which the sum of the pres- 
sures of hydrogen chloride 

and water equals atmos- N. 

pheric pressure. As a given so 

solution boils, its composi- 'V 

tion changes toward that of o 

the maximum boiling mix- \ 

ture. When this composition *60 ^ 

is reached, the solution boils 

without further change in 20 — So m m 

composition. The composi- Per cent of hci 

tion of the maximum boiling 2- Boiling point-composition 

. , , j . curve for HCI. 

mixture depends upon the 

total pressure. For hydrogen chloride, 1 atmosphere, the 
value is 20.24 per cent HCI and the temperature 110°; for 
2,500 mm., the composition is 18 per cent; and for 50 mm. 

it is 23.2 per cent. Advan- 
tage is often taken of these 
fixed concentrations to pre- 
pare acids of known concen- 
trations for quantitative an- 
alysis. 

Hydrogen chloride forms 
three definite hydrates, as 
indicated in Fig. 3. The 
per cent of HCI eutectic, — 86°, is remark- 

FTg. 3. The system water-hydrogen ably low. Hydrogen bro- 

mide forms a di-, tri-, and 
tetrahydrate ; and hydrogen iodide, tri-, and tetrahydrates. 

The ionization of these acids in dilute solution is 100 per 
cent, as judged by the lowering of vapor pressure and freez- 
ing points, and by electrical conductivity. The apparent 
ionization at higher concentrations is discussed in Ap- 



20 40 60 

Per cent of HCI 

Fig. 3. The system water-hydrogen 
chloride. 
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pendix IV. Hydrofluoric acid is much weaker than the 
other acids (HFag = + F~, K — 1.2 X 10“^). In fairly 

concentrated solutions, it forms the ion HF2” (F“ + HF~ 
= HF2, K = 5.5). In dilute solutions, its heat of neutral- 
ization is about 3 kcal. more than that of typically strong 
acids, which is unusual, as the heat of neutralization of 

other weak acids is less than that 
of strong acids. The change of con- 
centration of hydrogen ion in hy- 
drochloric acid, upon titration with 
hydroxide, is given in Fig. 4. 

9. Uses. — Hydrogen fluoride is 
used in etching glass. This remark- 
able property results from the action 
of hydrogen fluoride upon silicon di- 
oxide : Si02 + 2H2F2 = SiF4 -f 2H2O. 
The silicon fluoride escapes as a gas. 
Etched designs, such as buret grad- 
uations, are made by covering the 
glass with paraffin, which is scraped 
Fig. 4. Titration of HCI away where etching is desired, and 
with NaOH. treating with a solution of the 

acid. A mixture of ammonium fluoride and hydrogen fluo- 
ride is used in frosting glass. The acid is also used in 
quantitative analysis, in dissolving complex silicates, since 
most silicates are decomposed through the removal of the 
silica. It has certain application in the curing of crude 
rubber, in cleaning the exterior of stone buildings, and in 
cleaning castings. 

Hydrochloric acid is used in the preparation of metal 
chlorides, especially those of zinc and tin ; in cleaning metal 
surfaces, particularly iron before galvanizing; and in the 
manufacture of glue, soap, glucose, dyes, and many other 
materials. 

10. Halides and Halide Ions. — ^Fluoride. The fluorides 
of lithium, the alkaline earth, and the rare earth metals are 



S 10 16 

cc. NaOH 
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sparingly soluble. Fluoride forms more stable complexes 
than do the other halides with small positive ions, for ex- 
ample, BF4~, SiFe"", AlFe . These complexes are anal- 
ogous to the corresponding oxygen acids, and their stability 
is doubtless due to high electrostatic attraction for the small 
fluoride ions. On the other hand, the fluoride ion is not as 
polarizable as the larger halides (cf. VII — 2), and does not 
readily form coordination complexes with the ions of the 
noble metals. 

The metal fluorides form acid salts of the type KHFj, 
and even KH3F4, and the crystal structure of these com- 
pounds indicates that the hydrogen ion serves to bind two 
fluoride ions together: 

• TT * TT • IT • 

• • XX • J7 » 

11. Chloride. Among the most important sparingly 
soluble chlorides are those of Ag+, Hga"^, Tl’*', Cu"*", Pb"^, 
Au+, Pt++, Pt++++, SbO+, and BiO+. 

The solubility of all metallic chlorides is decreased by a 
small excess of chloride ion, but a larger concentration often 
leads to an increase in solubility through the formation of 
complex ions. The alkali and alkaline earth elements do not 
form complex chlorides, but practically all of the subgroup 
and transition elements do. Thus ions of the type [XCh]”®"^ 
are formed by the -t- 3 ions of the following elements: Al, 
In, Ir, Mo, As, Rh, Sc, Tl, and V; the -t- 4 ions of: Ge, Hf, 
Ir, Os, Pd, Pt, Pb, Re, Sb, Si, Sn, Ti, Tl, and Zr; and the 
+ 5 ions of Cb, Sb, and Ta. Ions of the type [XCU]”*"^ 
are formed by the + 2 ions of Be, Co, Cu, Cd, Hg, Pd, Pt, 
and Zn, and by the -f 3 ions of Au, B, Bi, In, Re, Tl, V, 
and Y. With Ag+ and Cu+ the complex chlorides are 

XCI2-, XClr- and possibly XCI4 . The ions [XCl4]-®+“ 

are octahedral but the [XCU]"^'*'” are of the two types, 
tetrahedral and square planar. 

There is some evidence for the formation of trichloride 
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CU" when chlorine is passed into concentrated hydrogen 
chloride (see Triiodide below). 

Certain of the chlorides, especially the volatile chlorides 
of metals of higher valence, may be prepared by the action 
of chlorine upon a heated mixture of the oxide and carbon : 
e.g. TiOa + 2CI2 + 2 C = TiCh + 2CO. 

Chlorides of the non-metals, e.g. CCht PCU, SCI4, are 
discussed under these elements. 

Bromide. Bromide ion is very similar to chloride ion 
in the character of its slightly soluble compounds and 
complex ions, though in general the sparingly soluble bro- 
mides are somewhat less soluble than the corresponding 
chlorides. 

Alkali bromides are usually prepared from bromine, by 
first forming ferrous bromide by action of bromine upon 
iron, and then carrying out the double decomposition with 
the alkali carbonate: e.g. FeBr2 + K2CO3 = FeCOs 
+ 2 KBr. 

Iodide. The iodide ion, being the largest and most easily 
polarized (cf. VIE — 2) of the halides, forms very insoluble 
salts, and very stable coordination complex ions with the 
subgroup metals. The stability of many of these com- 
pounds is limited, however, by the ease of oxidation of 
iodide to the free element. The method of formation of the 
alkali iodides is similar to that of the bromides, vide supra. 

Iodide ion readily dissolves iodine with the formation of 
triiodide: 1“ -f I2 (aq.) = Is", the constant (I“)(l2)/(l3“) 
= 1.4 X 10 ~® at 25 °. This reaction is important as a means 
of bringing iodine into aqueous solution. Higher polyiodides 
are formed in very concentrated solutions. 

In neutral solution, iodide is not readily oxidized by 
oxygen in the air; but in acid solution, the reaction becomes 
rapid: 61 " 4- O2 -[- 4 H'‘' = 213“ -f 2H2O. The quantita- 
tive oxidation of iodide by powerful oxidizing agents, e.g. 
H2O2 or KMnO^, is extremely important in quantitative 
analysis (Par. 21). 
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12. Oxygen Compounds of the Halogens. — Fluorine 
forms the fairly stable oxide, FjO, and at low temperatures 
the oxides F2O2 and F2O3. Bromine forms no stable oxides, 
though the unstable oxides Br20 and Br02 have recently 
been prepared. Chlorine forms the oxides CI2O, CIO2, and 
CI2O7; and iodine, the oxides I2O4 and I2O6. A number of 
additional oxides as CIO3, CIO4, and I2O3 have been de- 
scribed, but they are extremely unstable. None of these 
oxides are formed by direct union of the elements. The 
oxides with an odd oxidation state of the halogen are anhy- 
drides of the corresponding acids. The oxygen acids of the 
halogens are given in the following summary. The halous 
acids and their salts are of the least importance. Indeed the 
existence of HBr02 and HIO2 is but momentary, usually as 
an intermediate reaction step. 


TABLE V 

Oxygen Acids of the Halogens 


Oxidation 

State 

Name 

Chlorine 

Bromine 

Iodine 

Name of 
Ion 

+ 1 



HBrO 

HIO 

hypo-ite 

+ 3 



(HBr 02 ) 

(HIO2) 

-ite 

+ 5 


■I5S9 

UBtOz 

HlOa 

-ate 

I 


HCI04 


HIO* 
and H5IO6 

per-ate 


TABLE VI 

Oxidation-Reduction Potentials of Halogen Acids and Ions 


Voltsjt” 


Couple 

Cl 

Br 

I 

Acidic solution 




iXs -1- 4 H 2 O = 8H+ + XOr + 7e- 

- L34 

— 

(- 1.38) 

4Xi + 3HsO = 6H+ -1- XO,- •+■ Se- 

- L47 

- 1.52 

- 1.195 

iXa 4- 2 H 2 O - 3H+ + HXO 2 + Se- 

- 1.63 

— 

— 

iXz + HzO = H+ + HXO + e- 

- 1.63 

- 1.59 

- 1.45 

Basic solution 




X- -f 80H” = XO 4 - + 4 H 2 O + 8e- 

-0.51 

-0.61 

(- 0.38) 

X~ 4- 60H- = XOs- + 3 H 2 O + 6e-” 

-0.62 

— 

-0.26 

X- + 40H“- = XO 2 - + 2 H 2 O + 

-0.76 

— 

— 

X- + 20H" X0~ + H 2 O + 2e- 

-0.94 

-0.76 

-0.49 
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The halogen oxyacids are powerful oxidizing agents, as 
is indicated in the table on page 169, which gives the 
potential in volts for their reductions to the elements in 
acid and to the halides in alkaline solutions. These values 
may be used to calculate the potentials of the reduction in 
steps. The potentials for the case of chlorine are given in 
the following scheme : 


Acidic solution: 

- 1.36 - 1.63 - 1.63 

Cl- Ch HCIO HClOs- 

I - 1.47 


1.23 


-CIO3-- 


1.00 

CIO4- 


Basic solution: 

- 1.36 - 0.52 - 0.59 - 0.35 - 0.17 

Cl- Cls CIO- CIO2- CIO3- CIO4- 

1 - 0.94 I 


Since the oxyacids of chlorine and bromine are suffi- 
ciently powerful oxidizing agents to liberate oxygen from 
water (2H2O = O2 4- iH"*" -t- 4e-, — 1.23 volts), it follows 
that water solutions of these acids are unstable. These de- 
compositions are slow, but are catalyzed by certain sub- 
stances. 

It may also be observed from the table that the oxidizing 
potentials of the halates decrease with increasing atomic 
weight, so that iodine will replace bromine in bromate, and 
bromine will replace chlorine in chlorate: e.g. 2Br03- I2 
= 2I03~ ■+• Brj. The reactions take place in highly acid 
solution, and while they are often called replacement re- 
actions, they are in reality complicated oxidation-reduction 
reactions. 

With the exception of perchloric acid, the potentials are 
greater than those of the halogens to halide (cf. Table II) ; 
hence, these acids are reduced by the halide ion. HCIO + H+ 
+ Cl- = CI2 + H2O; IO3- -f- 6H+ + 51- = 3I2 + 3H2O. 

The -|- 1 state is unstable in regard to its own oxidation 
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and reduction into halate and halide; thus 3XO~ = XOs" 
+ 2X“. Because of the reduction of the oxygen acids by 
the halide as mentioned above, this reaction in acid ap- 
proaches the stoichiometric equation : 5HXO = XOs" + H+ 
-f- 2 X 2 -t- 2 H 2 O. The speed of decomposition increases 
rapidly in order from hypochlorous to hypoiodous. In the 
case of chlorate ion, "we encounter instability with respect to 
perchlorate and chloride ions, according to the equation: 
iciOs" = SClOi" -h Cl“. This occurs readily in the fused 
state. 

13. Oxides of Fluorine. — The oxide (probably better 
called the fluoride), F 2 O, is formed by passing fluorine into 
a dilute solution of sodium hydroxide. 

2 Fj + 20H- = F 2 O -1- 2F- -t- H 2 O 

The oxide boils at — 146.5° and in the absence of reducing 
agents is a stable gas at room temperature. It does not re- 
act with water but is a very powerful oxidizing agent (po- 
tential F”-F20 couple in acid — 2.1). The oxide F 2 O 2 
is formed at low temperatures by the action of an electrical 
discharge on a mixture of the two gases. It is unstable 
above — 100° C. 

14. Chlorine Monoxide and Hypochlorite. — Chlorine 
monoxide, CI 2 O, is the anhydride of hypochlorous acid, 
HCIO. Its reaction with water, CI 2 O -f H 2 O = 2HC10, is 
reversible. The gas, at 1 atmosphere and 0°, is in equilib- 
rium with a solution containing about 200 volumes of the 
gas per volume of solution. It is most conveniently pre- 
pared by the action of chlorine upon finely divided mercuric 
oxide: 2HgO -1- 2 CI 2 = CI 2 O -f Hg20Cl2. The reaction is 
carried out at about 0°, at which temperature the gas con- 
denses to a liquid. The gas and liquid have a deep yellowish 
red color, and are highly explosive. 

The hydrolysis of chlorine (Par. 6) yields hydrochloric 
acid and hypochlorous acid. The equilibrium is displaced 
by hydroxide through the neutralization of these acids: 



172 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. X 


CI 2 + 20H~ = H 2 O + Cl“ + C10~. A solution containing 
chloride and hypochlorite is easily prepared by the electrol- 
ysis of a solution of NaCl in a cell permitting the chlorine 
produced at the anode to react with the OH“ produced at 
the cathode. This solution is a cheap, efficient, and widely 
used disinfectant and bleaching agent. For household use, 
it can be purchased under the name of “chlorox.” 

When chlorine is passed over slaked lime, a reaction 
occurs which is closely related to the one given above: CI 2 
-f- Ca(OH )2 = H 2 O + CaCl(ClO). The two ions, Cl~ and 
C10~, here remain attached to the same calcium ion. The 
resulting compound is known as “bleaching powder,” or 
“chloride of lime.” Upon solution in water it gives the 
corresponding ions; hence, when an excess of acid is added, 
chlorine is liberated, corresponding to the shift of the hy- 
drolysis equilibrium of chlorine. Bleaching powder is ex- 
tensively used for bleaching and disinfecting. Any solution 
containing both Cl“ and C10~ can be made to yield chlorine 
in almost any desired concentration by suitably fixing the 
hydrogen ion concentration. However small the equilib- 
rium concentration of chlorine, it will nevertheless be 
approximately maintained as the chlorine is used up. Such 
a solution is much used in surgery under the name “Dakin’s 
solution.” 

One equivalent of acid, acting upon bleaching powder, 
liberates the weak hypochlorous acid, HCIO, which may be 
distilled from the solution and thus separated from chlo- 
ride ion. The dissociation constant of the acid is 5.6 
X io-«. , 

The familiar odor of bleaching powder is due to hypochlo- 
rous acid liberated by the carbonic acid of the air. 

Hypochlorite solutions readily give off oxygen (Par. 6) 
in the presence of a catalyst, e.g. cobalt hydroxide. Heated 
in the absence of a catalyst, the following reaction occurs: 
^ClO~ = ClOs“ -f 2C1“. The rate is increased if the solu- 
tion is slightly acid. 
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16. Chlorites and Chlorine Dioxide. — Although chlorine 
dioxide and the chlorites are of different oxidation states, 
they are discussed together because of the formation of 
chlorite by the reaction of the oxide in alkaline solution: 
20H~ + 2 CIO 2 = C102~ + CIOs” + H 2 O. Chlorine dioxide 

is one of the few “odd molecules” :0:C1:0:, i.e. pos- 
sessing an odd number of electrons; and the mechanism of 
the above reaction may be considered to be the transfer of 
the odd electron from one molecule of the oxide to another, 
forming C102“ and C102'*'. The latter adds a molecule of 
hydroxide to form HCIO 3 . Chlorous acid is unstable except 
in very dilute solutions, and its salts are also unstable, de- 
composing to give (a) oxygen and chloride, and (b) chlorate 
and chloride. 

The formation of chlorine dioxide from chloric acid is 
mentioned below (Par. 16). It may also be prepared by the 
action of chloric acid upon oxalic acid : 2HCIO3 + H2C2O4 
= 2CIO2 -b 2CO2 -t- 2H2O. Chlorine dioxide is a gas at 
ordinary temperatures, and, like most substances having 
“odd molecules,” is colored, in this case a dark yellow, and 
moreover is extremely unstable. 

Approximate values for the potentials of the dioxide are: 

Volts 26 ° 


2 H 2 O + Cl“ = CIO 2 + 4H+ + - 1.50 

40H- + Cl~ « CIO 2 + 2 H 2 O + 5e- - 0.8 


16. Chloric Acid and Chlorates. — Chlorates are easily 
prepared by decomposition of the hypochlorite (Par. 12). 
The process may be carried out, either by passing chlorine 
into hot alkaline solution, or by the electrolysis of a hot 
chloride solution with agitation so as to bring the chlorine 
from the anode into contact with the hydroxide of the cath- 
ode. Chloric acid decomposes upon distillation, and cannot 
be prepared in the pure state. A solution may be obtained 
by treating a solution of barium chlorate with dilute sulfuric 
acid: Ba++ -H 2CIO3- + 2H+ + SOr" = BaS04 + 2H+ 
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+ 2 CI 03 ~. It is a strong acid and is much less stable than 
its salts. In addition to the decomposition into perchlorate 
and chloride and into oxygen and chloride, it may decom- 
pose according to the equation: 4 HCIO 3 = 4 CIO 2 -f O 2 
•f 2 H 2 O. If concentrated sulfuric acid is added to solid 
chlorate, the above reaction takes place, and usually the 
CIO 2 formed explodes with great violence. 

Potassiiun chlorate is the most important salt of chloric 
acid. While readily soluble in hot water, its solubility is 
but 3.1 g. per 100 grams of water at 0°. Advantage is taken 
of this behavior in preparing potassium chlorate by adding 
potassium chloride to a hot solution containing chlorate 
ion made from calcium hydroxide and chlorine, and then 
cooling. 

Potassium chlorate decomposes at moderate tempera- 
tures as follows: 2KCIO3 = 2 KC 1 -f- 3O2. This reaction is 
catalyzed by manganese dioxide, and furnishes a convenient 
laboratory method for the preparation of oxygen. If care- 
fully heated to avoid the evolution of oxygen, potassium 
chlorate may be converted into the perchlorate: 4KCIO3 
= 3KCIO4 -b KCl. 

The oxidizing power of potassium chlorate renders it 
useful in making matches and pyrotechnics. Explosive mix- 
tures may be made, using potassium chlorate with combus- 
tible substances such as charcoal, sugar, or sulfur; they are 
too treacherous to be of practical value. A solution of potas- 
sium chlorate is sometimes used as a gargle in throat in- 
fections. 

All of the chlorates are at least moderately soluble. 
Li thium chlorate is one of the most soluble of all salts, 100 g. 
of water dissolves 315 g. of the salt at 18°. 

17. Perchloric Acid and Perchlorates. — ^As mentioned in 
the previous section, perchlorates may be prepared by care- 
fully heating chlorates. They may also be prepared by 
anodic oxidation in the electrolysis of concentrated chlorate 
solutions: CIOs” -f- H2O = CIO^” -f- 2 H'*" -1- 1e~. Although 


§181 


GROUP VII. THE HALOGENS 


175 


this half reaction only requires a calculated potential of 
about one volt, it is difficult to find an oxidizing agent 
capable of bringing it about, since the oxidizing agent must 
at the same time be more powerful than chlorate ; peroxysul- 
furic acid or sodium bismuthate may, however, be used for 
this purpose. Perchloric acid may be distilled from a solu- 
tion formed by the addition of sulfuric acid to a perchlorate. 
This reaction is subject to violent explosions. The anhy- 
drous acid is best prepared by the action of nitric and hy- 
drochloric acids upon a solution of ammonium perchlorate. 
The pure acid is a volatile liquid at ordinary temperatures, 
and decomposes at 92° under atmospheric pressure. The 
acid reacts explosively with strong reducing agents. It 
combines with water to form the solid hydrate, HC104-H20, 
with the evolution of much heat. It is interesting to note 
that this hydrate, OH3CIO4, has the same crystal structure 
as NH4CIO4. The addition of phosphorus pentoxide to 
perchloric acid, cooled below 0°, results in formation of 
perchloric anhydride: 6HCIO4 -f- P2O6 = 2H3PO4 -1- SCUOy. 
This oxide is a colorless liquid which may be heated to its 
boiling point, 82°, without decomposition. It is easily det- 
onated, however, by a sudden shock. 

The perchlorates are safer to handle than the chlorates. 
They are used in matches, fireworks, and explosives. They 
are as a rule readily soluble, potassium, rubidium, and 
cesium perchlorates being the least soluble. Due to its 
slight solubility, potassium perchlorate is easily prepared 
and purified. It is probably the most important of the salts. 

If silver perchlorate is treated with bromine, silver bro- 
mide and free perchlorate radical, CIO4, result: 2AgC104 
-f Bra = 2AgBr -b 2CIO4. This substance also has an odd 
number of valence electrons, and is extremely reactive and 
unstable. 

18. Hypobromite and Hypoiodite. — ^The hydrolysis of the 
halogens decreases markedly with increasing atomic weight 
(Par. 6); however, in strongly alkaline solution both bro- 
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mine and iodine are almost completely converted into the 
halide and hypohalite. Hypobromous acid, and more es- 
pecially hypoiodous acid are very unstable, decomposing 
almost immediately into the halide and halate. They are 
also extremely weak acids. In fact, the reaction, lOH 
4- HCl = ICl -I- H 2 O, indicates certain basic tendencies 
in the latter. Hypobromites and hypoiodites decompose 
much more readily than hypochlorites to give halate and 
halide. The unstable monoxide, Br20, has been prepared 
by the action of bromine upon mercuric oxide at 50°: 
2HgO -I- 2Br2 = Br20 -t- Hg20Br2. 

19. Bromate and lodate. — In addition to the methods of 
preparation analogous to the chlorine compounds, bromic 
and iodic acids may be prepared from the elements by the 
action of powerful oxidizing agents such as hypochlorous, 
chloric, and nitric acids, and hydrogen peroxide. Bromic 
acid cannot be prepared in the pure state, as the concen- 
trated solutions decompose, forming oxygen and bromine. 
The bromates are in general less soluble than the chlorates, 
and may be distinguished from the latter by the insolubil- 
ity of silver bromate. They have some industrial applica- 
tions as oxidizing agents. 

Iodic acid is a white solid and is very soluble in water. 
It is most conveniently prepared in a pure state by the 
action of a slight excess of chloric acid upon iodine, or by the 
action of hydrogen peroxide in acid solution upon iodine. 
It may be dehydrated by careful heating to form the 
pentoxide, I 2 O 6 . This is a white solid which may be heated 
to about 300° before decomposition becomes rapid. Sodium 
iodate, occurring in the Chile nitre beds, has been mentioned 
as the most important source of the element. The iodates 
are much less soluble and much more stable than the other 
halates, and are easily distinguished from them by the in- 
solubility of their barium and lead salts. Iodates in highly 
acid solution oxidize chloride. Neither the acid nor the 
salts show any tendency to decompose to form the perio- 
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dates. Potassium iodate and bi-iodate, KH(I03)2, are of 
considerable importance in analytical chemistry (Par. 21), 
because of the quantitative reduction to iodine in dilute 
acid and to iodine chloride in moderately concentrated 
hydrochloric acid by many reducing agents. The potential 
for the latter reduction is — 1.23 volts corresponding to the 
half reaction : 

3H2O + ICI2- = IO3- + 6H+ + 2C1 + 4 e- 

19. Iodine Tetroxide. — ^The oxide, I2O4, may be prepared 
by the action of concentrated sulfuric acid upon iodic acid, 
similar to the preparation of chlorine dioxide. It reacts 
with water according to the equation: 5I2O4 + 4H2O 
= 8HI03 + I2. With sulfuric acid, it forms a complex com- 
pound, (1204)112804. 

20. Periodic Acid and Periodates. — ^Strong oxidizing 
agents convert the iodates into periodates. There is a long 
series of polybasic periodic acids which may be considered 
as derived from the anhydride, I2O7, by the addition of n 
molecules of water, l207'«H20, where n has the values 1 to 
7 : e.g. I2O7 -H H2O = 2HIO4; I2O7 -t- 2H2O = H4l209i I2O7 
+ 7H2O = 2H7IO7. The existence of H7IO7, or its salts, is 
somewhat doubtful, but the acid, HsIOe, is probably the 
principal constituent of the water solution. The constant 
for the first ionization is 2.3 X 10“* and for the second about 
10~®. The second step of the neutralization appears also to 
involve the equilibrium, 2H3IO6 = 1209“^ -f- 3H2O. The 
higher polybasic acids may be dehydrated to form the meta 
acid, HIO4; but the anhydride, I2O7, cannot be prepared, as 
further heating causes decomposition into oxygen and the 
pentoxide. The fact that the iodine atom in periodic acid is 
surrounded by as many as six oxygen atoms, while the 
chlorine atom in perchloric acid is limited to four may be 
correlated with the larger size of the iodine atom. 

The preparation of periodates is usually accomplished by 
heating iodate with chlorine in alkaline solution: 2Na'^ 
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+ IO3- + 30H- + CI2 = NajHsIOe + 2C1-. The product, 
disodium paraperiodate, is but moderately soluble. In highly 
acid solution the periodates are extremely powerful oxidiz- 
ing agents, being capable of oxidizing manganous ion to 
permanganate, which requires a potential of — 1.5 volts. 
Excess periodate, in even low acid concentration, is reduced 
to iodate by iodide: 2li^ -f- 104“ + 21“ = lOs" d- I2 
-f H2O. With excess iodide, the product is triiodide. 

21. Analytical Properties. — ^Advantage is taken of the 
insolubility of silver chloride, bromide, and iodide in both 
the qualitative and quantitative determination of these 
halides (cf. VII — 27). Iodides and bromides are readily dis- 
tinguished from chlorides by the liberation of bromine or 
iodine by chlorine water, and the production of the charac- 
teristic colors upon extraction of the free halogen with 
carbon disulfide. 

The oxygen compounds of the halogens may be deter- 
mined qualitatively by the reduction to the free element or 
halide, and identified as such. Quantitatively they may be 
reduced by excess reducing agent, such as stannous chloride, 
or titanous chloride, and the excess reducing agent titrated 
with permanganate; or they may be reduced with excess 
iodide and the iodine formed titrated (at low H"'’) with 
thiosulfate: Ij~ -j- 2S2O3 = 31“ -|- S4O6 . 

The reaction just given for the oxidation of thiosulfate 
by iodine or triiodide is one of the most important in chem- 
ical analysis. It provides a general method for the deter- 
mination of oxidizing agents, as indicated above, by the 
addition of excess iodide and the titration of the iodine by 
thiosulfate. As an end point indicator in this titration, 
soluble starch is added to the solution, giving a deep blue 
color as long as an appreciable concentration of iodine is 
present. Strong reducing agents may be titrated by direct 
oxidation with triiodide. 


Chapter XI 


GROUP V. N, P, As, Sb, Bi 

1. The elements of Group V, nitrogen, phosphorus, ar- 
senic, antimony, and bismuth, have a maximum positive 
oxidation state of five in agreement with the presence of 
five valence electrons. The nitrogen atom, the smallest of 
the group, shows strong tendencies to add three additional 
electrons and thus complete the octet; but this property 
decreases with increasing size so that bismuth forms no 
stable compounds in which it has a negative oxidation 
state. Nitrogen and phosphorus are non-metallic in their 
properties, but the heavier elements of the group are in- 
creasingly metallic. Each of the elements forms an acid 
pentoxide, though the acidic nature of the oxide decreases 
markedly with increasing size of the positive ions. The 
elements also form sesquioxides which are acidic with the 
lighter members, but become basic with the heavier. The 
elements of the group thus show a complete transition from 
non-metallic to metallic character. 

Nitrogen, like the first member of other groups, differs in 
many respects from the other elements. For this reason, 
and also because its importance warrants a more detailed 
treatment, it will be considered separately. A further dis- 
cussion of the group properties is given in Paragraph 40. 

NITROGEN 

2. Occurrence. — Four fifths by volume of the atmos- 
phere is free nitrogen, Nj. All fertile soils contain the ele- 
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ment in the form of ammonium salts, nitrates, or nitrites; 
and nitrogen is a constituent of all proteins. The occurrence 
of deposits of alkali nitrates has been mentioned (cf. IV — 
23). The amount of nitrogen in the primary rocks is so 
small that nitrogen ranks among the less abundant ele- 
ments, constituting but 0.03 per cent of the earth’s crust 
and atmosphere. 

3. Preparation. — ^Atmospheric nitrogen is the cheapest 
source of the element, and large quantities are prepared 
commercially from the air by fractional liquefaction (cf. 
m— 6). This process concentrates the argon somewhat 
(to about 3 per cent), but the gas is sufficiently pure for 
most commercial purposes. Nitrogen may, of course, be 
prepared from the air by the absorption of oxygen by chem- 
ical agents, such as heated copper. Pure nitrogen is usually 
prepared, either by passing ammonia over copper oxide: 
2NH3 4- 3CuO = N2 -f 3H2O -h 3Cu, or by heating a solu- 
tion containing ammonium and nitrite ions: NH4''' -f- N02“ 
= N2 + 2H2O. Once the latter reaction is started, it pro- 
ceeds rapidly or even explosively unless cooled. Other re- 
actions producing nitrogen under appropriate experimental 
conditions are: Mn02 -1- 4NH4NO3 = Mn(N03)2 + 8H2O 
-f- 3N2; (NH4)2Cr207 = Cr203 4H2O -t- N2; 2P -f- 5NH4- 
NO3 = 2H3PO4 + 7H2O -t- 5N2; C0(NH2)2 + 2HNO2 
== CO2 ■}■ N2 4- 3H2O. 

4. Properties of Molecular Nitrogen. — ^The more impor- 
tant physical properties of atomic and molecular nitrogen 
are summarized in Table I. The gas is colorless and 
tasteless. The low boiling point is indicative of the sta- 
bility of the molecule. Although the arrangement of the 
10 valence electrons in the molecule is not known, the 
formulae 

: N ;• N : and : N :: N : 

probably represent the two most important resonating 
states of the molecule. The molecule is diamagnetic. The 
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TABLE I 

Physical and Atomic Properties of Nitrogen 


Atomic weight 

14.008 

Radius of M"® ion, cm. 



7 

X 108 

LH 


14, 15 


— 21iL0 

Electrons in various quantum 

Boiling point, * C 

- 195.8 

levels, 1st 

2 

Density of liquid, g./cc 

0.808 

2d 

5 

Heat of vaporization cal. per 


Ionization potentials of gaseous 


mole 

1,350 

atoms, volts 


Solubility of Na at 1 atm. in 


1st electron 

14.48 

g. per 100 g. water, 20® C. 

0.00189 

2d electron 

29.47 

100® C. 

0.00069 

3d electron 

47.40 

Density of gas at 0® C. and 1 


4th electron 

77 

atm., g./liter 

1.2506 

Sth electron 

97 

Heat of dissociation of Na in 



kcal. per mole 

169.3 


heat of dissociation is probably greater than that of any 
other diatomic molecule, and is doubtless the chief factor 
in its very slight reactivity. It may be calculated from 
thermal data, that at 8,000° C., the gas is only about 40 
per cent dissociated into atomic nitrogen. Under the influ- 
ence of a high voltage discharge, i.e. high velocity elec- 
trons, the nitrogen molecule is “activated.” Active nitro- 
gen appears to be atomic nitrogen, in which one or more 
electrons are raised to higher energy levels. Active nitrogen 
continues to glow for some time after the discharge has 
been stopped. It combines readily with many elements, 
phosphorus, sulfur, sodium, etc., with which ordinary nitro- 
gen does not react. 

The more important reactions of the element are given in 
Table II and will be discussed further in connection with the 
various compounds. 


TABLE II 

Reactions of Nitrogen 


N2 + 3H2 = 2NH8 
Na + O 2 - 2NO 
N 2 4“ CaCa = CaCNa 4” C 
Na 4- 3Mg = MgsNa 

Na + AUOg 4- 3C = 2A1N + 3CO 
Na 4- 4C + NazCOa = 2NaCN 4- 3CO 


See ammonia 
See nitric acid 
See cyanamide process 
Also LiaN, CasNa, BN, AIN, TiN, 
etc. 

See also XIII — ^24 




182 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. XI 


Compounds of Nitrogfn and Hydrogen 


6 . Nitrogen forms with hydrogen compounds in which its 
oxidation state is -.3, - 2, and - 1, and a trinitride with 
an average polar number of — 1/3. The most important of 
these are the — 3 compounds, ammonia and its derivatives. 
The compound, NH 2 , exists only in the double molecule, 
N 2 H 4 , hydrazine, and the compound NH is known only as 
the hydrate, NH 2 OH, hydroxylamine, and its derivatives. 
The probable electronic structures of these compounds are 
given below : 

H H H H 

H :N: + H20^H:N :H :0 :H 2H :N-^H :N :N :H 
*• .. •• •• •••• 

H H H 


Ammonia Ammonium 

hydroxide 


Hydrazine 


H 

H : ii + H 2 O = H ; N : d : H 
• • • • , , 

Hydroxylamine 


:N ::N ::N :H 

Hydrazoic acid 


The three nitrogen atoms in hydrazoic acid are linear, 
which corresponds to double bonds between the tetrahedral 
atoms, but there is probably resonance with other electronic 
structures. 

6 . Manufacture of Ammonia. — ^Ammonia was formerly 
made by the destructive distillation, in the absence of air, 
of hoofs, horns, and other nitrogenous organic substances: 
and the solution of the gas was called “spirits of hartshorn.” 
Coal, due to its vegetable origin, contains nitrogenous mat- 
ter, and one of the chief sources of ammonia has been the 
“by-product ammonia,” from coke ovens and coal gas 
works, in which ammonia produced by the distillation of 
the coal is separated from the other coal-tar products. The 
gas is usually washed with water to separate it from the tar, 
then with sulfuric acid which removes the ammonia as 
ammonium sulfate. Pure ammonia may be prepared from 
this by evaporation and treatment with calcium hydroxide. 
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7. One of the most important industrial developments of 
recent years has been the production of S3mthetic ammonia 
through the direct reaction of hydrogen and nitrogen : 3H2 
+ Na = 2NH3. The reaction evolves 24,000 cal, ; hence, the 
formation of ammonia is favored by low temperatures, and 
because of the volume change, by high pressure (cf. Prin- 
ciple of Chatelier, Hildebrand, Frin. of Chem., p. 153), as 
is indicated in the following table. 


TABLE III 

Volume per Cent Ammonia in Equilibrium with a 1 to 3 
Molal Mixture of N2 and Hs 


c. 

Atmospheres 

30 

100 

300 

600 

7000 

200 



90.0 

95.4 

98.3 

300 



71.0 

84.2 

92.5 

400 



47.0 

65.2 

79.9 

500 

3.5 

10.6 

26.4 

42.1 

57.5 

600 

1.4 

4.2 

13.8 

23.1 

31.4 

700 

0.7 

2.2 

7.3 

12.6 

12.9 


The rate of reaction is slow at the lower temperatures, 
and the commercial process has been dependent upon the 
development of efficient catalysts. The Haber process, de- 
veloped in Germany, employed according to the original 
patents, iron oxide containing other metals, such as molyb- 
denum, uranium, or cobalt. Recently developed plants 
employ, as a catalyst, iron made by the reduction of fused 
iron oxide (magnetite) containing small amounts of both 
basic and acidic oxides, such as 0.5 per cent AI2O8 and 
0.5 per cent K2O ; and operate at pressures of 100-200 at- 
mospheres and temperatures of 550-600° C. The French 
Claude process attempts to utilize the greater yields at 
higher pressures by working at 600-1,000 atmospheres. 
Under these conditions, ordinary sheet iron is very perme- 
able to hydrogen, and the containers must be constructed of 
special chrome-steel alloys. The world production of syn- 
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thetic ammonia, in 1938 was about 1,000,000 tons of con- 
tained nitrogen as compared to 410,000 tons of by-product 
ammonia. 

8. Another source of ammonia is calcium cyanamide, 
CaCNj, which is formed by the action of nitrogen upon 
calcium carbide (Table II) at about 1,200°. When treated 
with steam, cyanamide is hydrolyzed: CaCNz -f- SHaO 
= CaCOs + 2 NH 3 . Much of the cyanamide is used di- 
rectly £is fertilizer. The world production of cyanamide in 
1938 was 300,000 tons of contained nitrogen. 

9. Attempts have been made to manufacture ammonia 
commercially by the hydrolysis of aluminum nitride in hot 
sodium hydroxide solution: AIN -1- 3 H 2 O = Al(OH)3 
+ NH3. The nitride is made by heating aluminum oxide 
and carbon in an atmosphere of nitrogen to about 1,700°. 
The reaction is slow, and the process is unable to compete 
with the direct synthesis from the elements. Ammonia may 
also be prepared by the hydrolysis of sodium cyanide: 
NaCN + 2 H 2 O = HCOONa + NHj. 

The historical laboratory method for the preparation of 
ammonia has been the reaction between an ammonium salt 
and a strong base (usually calcium hydroxide): NH 4 ‘'' 
•+ OH- = NH3 -f- H2O. 

10. Physical Properties and Uses of Ammonia. — ^Am- 
monia boils at — 33.4°, melts at — 78°, has a critical tem- 
perature of about 133°, and a critical pressure of 112 atm. 
The vapor pressure of the liquid at 25° is 9.90 atm., 
hence it is easily liquefied by pressure at that temperature. 
If the pressure upon the liquid is decreased to one atmos- 
phere, the temperature of the liquid, of course, falls to 
— 33.4°, and the liquid evaporates with the absorption of 
330 cal. per g. of ammonia vaporized. This cycle of com- 
pression and evaporation is utilized in refrigeration. 

The liquid has a density of 0.677 at —34°, and a dielectric 
constant of about 20. The specific conductivity at — 33° 
is about 10“® reciprocal ohms. As a solvent for polar salts, 



§ 11 ] 


GROUP V. N, P, As, Sb, Bi 


185 


it resembles water more closely than any other substance, 
although, due to the lower dielectric constant, salt solutions 
have a much lower activity (Append. IV). Its unusual 
solvent action upon the alkali metals has been mentioned 
(cf. IV— 2 ). 

Liquid ammonia is sold under pressure in iron cylinders, 
and is the most convenient source of the gas. The greater 
part of the ammonia produced is absorbed in sulfuric acid 
and sold as fertilizer. Household ammonia, or aqua am- 
monia, is used in washing and cleaning. Large quantities of 
ammonia are now oxidized tb nitric acid (Par. 32). The 
most important fields of consumption are given in Table IV. 

TABLE IV 

Ammonia in U. S. 1938 


Production Tons of N* 

Coke ovens 150,000 

Synthetic 190,000 

Consumption 

Fertilizer 200,000 

Manufacture of HNOj 40,000 

Aqua ammonia 35,000 

Liquid, largely for refrigeration 20,000 

Salts 10,000 


11. Reactions of Ammonia. — ^Ammonia does not react 
readily with air, but in pure oxygen it burns to water and 
nitrogen: 4 NH 3 + 3 O 2 = 2 N 2 -f 6 H 2 O; 301 kcal. In the 
presence of platinum as a catalyst, the reaction goes to 
nitric oxide: 4 NH 3 + 502 = 4NO -f 6 H 2 O, 215 kcal. This 
selective oxidation is the basis for the commercial prepara- 
tion of nitric acid from ammonia (Par. 32). The gas is also 
oxidized to nitrogen by passing over many heated oxides, 
e.g. CuO, and by chlorine and bromine (Par. 22 ). The oxida- 
tion of ammonia and ammonium ion in water solutions is 
discussed in subsequent paragraphs. 

Ammonia reacts with water to form ammonium hy- 
droxide (Par. 13). It is absorbed by many salts with the 
formation of ammoniated compounds similar to solid hy- 
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drates, e.g., CaCl2'2NH3, CaCl2-4NH3. Ammonia forms 
complex ions with solutions of many metal ions which pos- 
sess pronounced “coordination” tendencies (cf. Vn — 2), 
e.g., Ag(NH3)2+ Cu(NH3)4++. _ 

Ammonia shows acid properties, in that the three hydro- 
gens are replaceable by metals as illustrated by the follow- 
ing: NaNH2, sodium amide; Ag2NH, silver imide; Li3N, 
lithium nitride. These compounds are formed by heating 
the metals in ammonia gas: 2 Na -|- 2NH3 = 2 NaNH 2 
-b H2. The acid ionization of ammonia, however, is ex- 
tremely small, and even sodium amide is completely hy- 
drolyzed in water: NaNH2 -I- 2H2O = Na'*' -f OH~ 
-b NH4OH. The amides may be considered as the analogues 
of the hydroxides of water systems (Table V). 

TABLE V 


Analogy of Water and Ammonia Systems 



Water System 

Ammonia System 

First ionization step 

H+ and OH" or 

H+ and NHa" or 


OH 3 + and OH- 

NH 4 + and NH 2 - 

Ionization constant 

10-1^ at 25° 

ca. 10-18 at - 33° 

Base 

KOH 

KNHa 

Acid 

HCI (OHsCl) 

NH 4 CI 

Neutralization reaction 

KOH + (H30)C1 = 

KNHa 4- NH4Ci = 

Dehydration or dearamoniation 

KCl + 2 H 2 O 

KCl -h 2 NH 3 

products of base 

K 2 O 

KaHN and KaN 

Basic salts 

Mg(OH)CI 

Hg(NH2)Cl 

Solvates 

CaClr2H20 

CaCl2-2NH3 


12. Many acids exist, both inorganic and organic, which 
may be thought of as formed by the replacement of the 


byNH2- 

OH 

. e.g., 

NHa 

0 

0 



/ 

/ 

) 2 S 

O2S 

CH3-C 

CHs-C 

\ 

\ 

\ 

OH 

NH2 

OH 

NH2 

Sulfuric 

acid 

Sulfuryl 

amide 

Acetic 

acid 

Acetamide 




§13] 


GROUP V. N, P, As, Sb, Bi 


187 


On the other hand, such acids may be considered as 
compounds in which one or more of the hydrogen atoms of 
ammonia is replaced by an acid radical, e.g., 


H 

HSO3 

HSO3 

HSO, 

/ 


/ 

/ 

N-H 

N-H 

N-HSO3 

N— HSO, 

\ 

\ 

\ 

\ 

H 

H 

H 

HSO, 

Ammonia 

Amidosulfonic 

acid 

Imidosulfonic 

acid 

Nitrilosulfonic 

acid 


13. Ammonium Hydroxide. — ^Ammonia is extremely solu- 
ble in water (1,300 vol. per vol. of H2O at 0° and 700 vol. at 
20°), forming solutions of ammonium hydroxide, NH4OH. 
The hydroxide is a weak base : NH4OH = NH4+ + OH“, 
2^26“ = l-Sl X 10“®. A liV solution thus contains 0.0042iV’ 
OH“. To account for the weakness of ammonium hydrox- 
ide, it is generally assumed that a hydrogen atom acts as a 
bond as indicated by the formula : 

H 

H : N : H : 6 : H 
• • • ♦ 

H 

Values for the specific gravity of aqueous solutions of 
ammonia are given in Table VI. 


TABLE VI 

Specific Gravity of Aqueous Ammonia at 15° C* 


Specific 

Gravity 

Per Cent 
Ammonia 

Specific 

Gravity 

Per Cent 
Ammonia 

0,998 

0.45 

0.940 

15.63 

0.994 

1.37 

0.930 

18.64 

0.990 

2.31 

0.920 

21.75 

0.980 

4.80 

0.910 

24.99 

0.970 

7.31 

0.900 

28.33 

0.960 

9.91 

0.890 

31.75 

0.950 

12.72 

0.882 

34.95 


Water and ammonia react to form solid ammonium hy- 
droxide and the oxide, (NH4)20, at - 79°. These pure com- 
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pounds decompose upon heating, so only the water solutions 
of ammonium hydroxide are known at room temperature. 

14. Ammonium Amalgam. — ^The free ammonium radical, 
NH4, may be prepared as an amalgam by the reduction of 
ammonium ion in the presence of mercury: + e~ 

— NH4. The reduction may be accomplished electrolyt- 
ically, using a solution of ammonium sulfate and a mercury 
cathode, or by the action of sodium amalgam upon an am- 
monium solution. At ordinary temperature, the radical is 
unstable, decomposing into ammonia and hydrogen, and 
the amalgam is a spongy mass, due to the bubbles of gas, 
but at low temperatures the amalgam is a hard, stable sub- 
stance. In forming an amalgam, the ammonium radical 
thus appears to possess distinctly metallic properties. 

16. Ammonium Salts. — ^Ammonium ion resembles thal- 
lous and potassium ions in the solubility and crystalline 
form of its salts. The four hydrogen atoms are arranged in 
tetrahedral form about the nitrogen, and the approximate 
diameter of the ion in crystals is 1.50 X 10“®cm. Two 
points of dissimilarity from thallous and potassium ions 
are the weakness of ammonium hydroxide, and the volatil- 
ity of ammonium salts. All ammonium salts volatilize at 
temperatures around 300°, except compounds, such as the 
nitrate and dichromate, which decompose with the oxida- 
tion of the ammonia. The vapor of the sublimed salt is 
largely dissociated into ammonia and the acid, e.g. NH4CI 
(s) = NH 3 (gas) - 1 - HCl (gas). In fact, it is this dissociation 
taking place on the crystal surface which is probably re- 
sponsible for the ready volatility of the salt. Ammonium 
salts are highly ionized, and slightly acid by hydrolysis. 
The constant for the hydrolysis, K = (NH 40 H)(H''’)/ 
(NH4+), is 5.5 X 10 -“ at 25° C. A liV' NH4+ solution thus 
contains 2.3 X 10-®iV H'*'. 

16. Ammonium chloride is made by absorbing ammonia 
in hydrochloric acid. It crystallizes from solution in feath- 
ery crystals of the regular system, having the same type of 
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crystal lattice as cesium chloride, but changing at higher 
temperatures into the sodium chloride lattice. The vapor 
pressure of the solid reaches one atmosphere at 338° C. 
The salt is used in “galvanizing” iron, and in soldering, to 
clean metal surfaces of oxides, the action being due to the 
presence of free hydrochloric acid in the vapor. It is also 
used in “dry” batteries (cf. XVlll — 9), and in textile dye- 
ing. Its common name is sal ammoniac. 

Ammonium bromide and iodide are similar to the chlo- 
ride. 

The nitrate exists in five crystalline modifications be- 
tween the temperatures of — 20° and 125°. When heated 
gently, it decomposes into nitrous oxide and water. The 
compound is really a high explosive, but is extremely diffi- 
cult to detonate. It Is, however, employed extensively as an 
explosive mixed with trinitrotoluene under the name of 
amatol. 

17. Ammonium carbonate solutions are highly hydro- 
lyzed, and lose ammonia to form the bicarbonate: 2 NH 4 ''' 
-t- CO3— = NH4+ + HCO3- + NH3. The so-called solid 
ammonium carbonate is a mixture of the bicarbonate and 
ammonium carbamate, and is made by heating a mixture 
of the ammonium sulfate and calcium carbonate in iron 
retorts. It may also be formed by the reaction of am- 
monia and carbon dioxide. 


O 

2 NH» -I- CO2 equals HaN— It— O— NH4 or 


:0 

H:N:C:6: 

• • mm 

H 


NH4 


Upon heating, ammonium carbamate loses water to form 
urea: NH4CO2NH2 = COCNHa)^ + H2O. 

Ammonium sulfate, prepared by passing “by-product” 
ammonia into sulfuric acid, has been the principal source 
of ammonium compounds. Synthetic ammonia has, how- 
ever, now become the greatest potential source of am- 
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monium compounds. The sulfate is employed extensively 
as a fertilizer, but if a cheaper method of preparing phos- 
phoric acid from phosphate rock can be developed, the sul- 
fate will doubtless be replaced by the phosphate, as the 
absorption of ammonia in this acid will serve to eliminate 
the cost of the sulfuric acid and at the same time give a 
compound, both constituents of which are valuable fer- 
tilizers. 

Ammonium sulfide, (NH4)2S, solutions, made by passing 
hydrogen sulfide into ammonium hydroxide, are largely 
hydrolyzed to the bisulfide, NH4HS. The use of these 
solutions is frequently referred to in connection with the 
precipitation of metal sulfides in qualitative analyses. The 
sulfide readily absorbs sulfur forming polysulfides (cf. 
XI — 26 ). The polysulfide also forms through the action of 
the oxygen of the air upon solutions of the sulfide. 

Anutnonium thiocyanate, NH4SCN, is used in dyeing to 
prevent injurious action of iron salts upon the color (see 
Fe(SCN)3). It is sometimes prepared by the reaction of 
ammonia and carbon disulfide: CS2 -f 2NH3 = NH4SCN 
+ H2S. Ammonium dithiocarbamate, NH4S2CNH2, forms 
as an intermediate compound. 

Ammonium peroxysulfate, (NH4)2S208, formed by the 
electrolysis of a concentrated solution of the acid sulfate, is 
an important oxidizing agent. 

18 . Analytical. — The perchlorate, cobaltinitrite, chloro- 
platinate, and acid tartrate, may be precipitated similarly 
to the potassium salts; but a more delicate test for ammo- 
nium compounds is the formation of ammonium hydroxide 
upon the addition of a strong base and the subsequent 
volatilization of ammonia gas: NH4+ + OH" = NH4OH 
and NH4OH = NH3 -|- H2O. The ammonia is detected by 
its odor, or by its action upon moistened red litmus paper 
placed over the solution. Quantitatively, ammonium salts 
are determined by treating the sample with excess sodium 
hydroxide, and distilling the ammonia into a known volume 
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of standard acid. The excess acid is then titrated with 
standard base, using methyl orange as an indicator. Small 
amounts of ammonia are determined by means of Nessler’s 
reagent (cf. VIII — 26). 

19. Hydrazine. — Ammonium salts may be oxidized elec- 
trolytically to hydrazine, if certain viscous substances, such 
as glue or starch are added to the electrolyte. Hydrazine is 
usually prepared by treating dilute ammonia (in the 
presence of glue, etc.) with chlorine to form the mono- 
chloramine, NH2CI; and then adding an excess of am- 
monia: 2NH3 + CI2 = NH2CI -b NH4CI, and 2NH3 
+ NH2CI = N2H4 -f NH4CI. The sulfate, N3H4-H2S04, or 
(N2H 5)2304, is not very soluble, and hydrazine is readily 
purified by crystallization as such. It may also be prepared 
by the reduction of the potassium sulfite-nitric oxide com- 
plex, K2S03*2N0, with sodium amalgam, and by the reduc- 
tion of a number of organic nitrogen compounds. With 
water hydrazine forms the weak base, N2H6OH, which 
gives in acid solution the ion, N2H6''‘. For the dissociation, 
N2H4 + H2O = N2H6+ + OH-, the value for K is 8.5 
X 10~'^. The pure substance may be prepared as a fuming 
liquid by distilling hydrazine hydrate with barium oxide: 
N2H4H2O + BaO = N2H4 -f Ba(OH)2. The liquid boils at 
113.5° without decomposition. Hydrazine is a good re- 
ducing agent even in acid solution. It is oxidized quanti- 
tatively to nitrogen by iodate, chlorine, bromine, and 
iodine. The alkaline solution is readily oxidized by oxygen. 
Many oxidizing agents which gain one electron per mole- 
cule react with hydrazine to form both nitrogen and am- 
monia: N2H5+ -b Fe+++ = Fe++ + IN2 -b NH4+ -b H+. 
Hydrazine reacts with nitrous acid to form hydrazoic acid 
(Par. 21). Hydrazine is not easily reduced to ammonia. 
The relation of hydrazine to ammonia is analogous to that 
of hydrogen peroxide to water. 

20. Hydroxylamine. — Hydroxylamine, NH 2 OH, is best 
prepared by the reduction of 1 mole of nitrous acid with 



192 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. XI 


2 moles of sulfurous acid (Par. 30 ). The reduction is carried 
out at 0 ° in neutral solution (NaHSOs) and forms first the 
ionofhydroxylaminedisulfonicacidtNOa" + SO2 + HSOs” 
= NOH (503)2 • This is then hydrolyzed by heating in 

acid solution: N0H(S03)2“ + 2H2O = H3NOH+ + H+ 
+ 2SO4 . Hydroxylamine is also obtained by the reduc- 
tion of nitric and nitrous acid in dilute solution, by strong 
reducing agents such as tin, and zinc. The electrolytic re- 
duction of nitric acid with most metal electrodes yields 
ammonia, but with a mercury cathode, hydroxylamine is 
formed. Hydroxylamine in solutions of acids forms the ion, 
NHsOH"*", and upon evaporation of the solution, salts such 
as NHsOH-Cl, are obtained. NH2OH -I- H2O = NH3OH+ 
-I- OH~, K = 6.6 X 10 ~®. The anhydrous compound may be 
prepared by distilling, under reduced pressure, an alcoholic 
solution of the hydrochloride with sodium methylate: 
NH3OH.CI + CHjONa = NH2OH -f CH3OH + NaCl. 
The melting point is 33 °, and at 57 °, the vapor pressure is 
22 mm. At higher temperatures the liquid is very explosive. 
Ferric ion (in excess) in acid solution oxidizes hydroxyla- 
mine quantitatively to nitrous oxide, and more powerful 
oxidizing agents give nitrate. If the H+ is low and NH2OH 
is in excess, nitrogen is largely formed. Hydroxylamine is 
reduced by moderately powerful reducing agents, such as 
ferrous hydroxide, or zinc in acid solution. Aqueous solu- 
tions, especially if alkaline, decompose forming ammonia 
and nitrogen, or nitrous oxide. 

21. Hydrazoic Acid. — Nitrous oxide reacts with soda- 
mide at 200° to form sodium azide: N2iO+H2iNNa 
= NaNs -f- H2O. Hydrazine and its derivatives react 
in the cold with nitrous acid or trichlomitride to form 
hydrazoic acid: N2i H4 + 0 £:NH = HN3 + 2H2O. Hy- 
drazoic acid is a somewhat stronger acid than acetic acid, 
^ ~ 4.5 X 10 ~^, and the ion. Ns", resembles chloride ion 
in the solubility of its salts and in its reversible reaction 
with hypochlorous acid: HCIO -(- HN3 CIN3 H- H2O. 
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The product, chlorazide, like chlorine, is a gas, but is 
highly explosive. The iodo-azide also exists. Sodium azide 
tastes like sodium chloride, and is highly poisonous. The 
free acid boils at 37°, but the warm liquid is violently ex- 
plosive, as the compound is highly endothermic (62 kcal.). 
The acid is both a powerful oxidizing agent and a powerful 
reducing agent. NH 4 + -|- N 2 = HN 3 + 3H+ + 2e~, — 1.82 
volts and HN 3 = IN 2 + H"*" -f- e~, 2.8 volts. The acid 
reacts quantitatively with ceric ion: 2Ce'‘'+++ -H 2 HN 3 
= 3 N 2 + 2Ce'*"*^ -f 21i^. The crystal structure of the 
azides from X-ray data show that the three nitrogen atoms 
are in line, with a distance between the atomic centers of 
1.16 X 10~® cm. Lead azide is now used extensively in the 
manufacture of percussion caps. 

22 . Halogen Nitrides. — Trichlornitride, also called nitro- 
gen trichloride, CI 3 N, is formed almost quantitatively by 
the action of excess chlorine or hypochlorous acid with am- 
monium ion in excess of strong acid : NH 4 + -b 3 CI 2 = CI 3 N 
+ 4H+ + 3C1-, and NH 4 + + 3HC10 = ClsN + H+ 
-b 3 H 2 O. With low concentration of hydrogen ion, nitro- 
gen is evolved, probably through the reaction: NCU 
-b NH 4 += N 2 -b 4H+ -b 3C1“. With dilute equimolal solu- 
tions of ammonia and hypochlorite, chloramine is formed: 
NHa -b CIO” = NH 2 CI -b OH”. Both substances are highly 
explosive, oily liquids, and are partially hydrolyzed by 
water to ammonia and hypochlorous acid. Because of this 
type of hydrolysis and the method of preparation, the nitro- 
gen is often considered as being in the — 3 oxidation state 
but the classification is not very significant in view of the 
non-polar character of the bonds between the nitrogen and 
chlorine. 


:a :N :a : 

“ :C1:'’ 

• « 

Trichlornitride 


H : N : Cl : 
H 

Chloromine 


Iodine reacts with ammonia, forming a dark brown solid, 
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the so-called nitrogen triiodide, IsN'NHs. When dry, it 
explodes with the slightest touch. It may also be prepared 
by the addition of iodine chloride in concentrated hydro- 
chloric acid to an excess of concentrated ammonia. The 
formation of ammonium hypoiodite, NH4IO, appears to be 
an intermediate step. Bromine reacts with ammonia to 
liberate nitrogen, and the reaction is frequently employed 
to remove bromine from a solution. Nitrogen trifluoride 
has been prepared by the electrolysis of anhydrous am- 
monium fluoride, NH4HF2. It is more stable than the 
trichloride. The triox 3 rfluoride, NO3F, forms by the action 
of fluorine upon pure nitric acid. The fluorine atom is 
bonded to one of the oxygen atoms. 

23. Nitrogen and Sulfur. — Sulfur nitride, S4N4, may be 
prepared by the action of liquid ammonia upon sulfur, or 
by the action of ammonia on sulfur chloride in benzene. The 
compound is orange-red and may be sublimed under re- 
duced pressure at 100°, but explodes at higher temperatures. 
It hydrolyzes in water to form ammonia, sulfurous, and 
thiosulfuric acids. The highly explosive compounds (Se 4 N 4 )x 
and Te 3 N 4 have been prepared. 

Oxides and Acids of Nitrogen 

24. Nitrogen forms oxides, in which it possesses the oxi- 
dation states -f 1 to -b 5, inclusive, and acids correspond- 
ing to the 4- 1, -j- 3, and 5 -f states. In addition, there is a 
nitrogen peroxide, and a peroxyacid, but these are relatively 
unimportant. Electronic formulae are given below. These 
must not be interpreted as representing the actual position 
of the electrons, but simply as a representation of the total 
number of electrons and a distribution which appears to be 
in harmony with the known facts relating to the various 
compounds. In molecules which do not have completed 
octets of electrons for all of the atoms, there doubtless is 
resonance of electrons between atoms with completed octets 
and those with incomplete octets. The relative positions of 
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the atoms in the molecule are known, in a majority of cases, 
from X-ray data on the solid crystals. 


:N ::W ::6 : 

Nitrous oxide (+1) 

N ::6 : 

Nitric oxide (+ 2) 

:6 : 

"n :d :N : 

• • • • 

;0 : 

Nitrous anhydride (+ 3) 

:0 : 

N • 

:0 : 

Nitrogen dioxide (+ 4) 

:0 : :0 : 

"n ; O : n ’ 

: 0 : : O : 

Nitric anhydride (4-5) 


H :0 :N ::N :0 :H 
• • • • 

Hyponitrous add (+1) 


:0 ::N :0 :H 

Nitrous acid (+3) 

: O : : O : 

N : N 
:0 : :6 : 

Nitrogen tetrojdde (+ 4) 

:0 : 

‘n :0 :H 
:0 : 

Nitric add (+ S) 


26. Nitrous Oxide. — Nitrous oxide is prepared com- 
mercially by the decomposition of ammonium nitrate 
through gentle heating: NH4NO3 = N2O + 2 H 2 O. The 
reaction must be carefully controlled, as overheating may 
result in the explosive decomposition into nitrogen, oxygen, 
and water. The oxide is also a product of various other re- 
actions, including: NH 30 H-N 02 = N2O + 2 H 2 O; HN* 
-f HNO2 = N2 -b N2O -f H2O; N2H4-HN02 = N2O 
-b NH3 -f H2O. The oxide is a colorless gas which may be 
liquefied by a pressure of 50 atmospheres at 20°. The 
critical temperature is 35°. It is soluble to the extent of 
1.3 per vol. of water at 20°, and at low temperatures forms 
a hydrate, N20*6H20. Crystal structure data of the solid 
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show all three atoms of the molecule to be in a line, with the 
oxygen on one end. 

The heat of formation of nitrous oxide is negative, about 
19.7 kcal. per mole ; and the gas is unstable in respect to the 
decomposition into its elements. However, the rate of de- 
composition is not appreciable at ordinary temperatures. 
A glowing splinter bursts into flame in nitrous oxide, and 
phosphorus and sulfur bum readily, nitrogen being liber- 
ated in the reaction. Strong oxidizing agents, such as 
permanganate, oxidize nitrous oxide to nitric oxide. Metals 
do not tarnish readily in nitrous oxide, and it does not com- 
bine with nitric oxide as does oxygen. The gas is employed 
extensively as an anaesthetic. Inhaled in small amounts, it 
often produces a type of hysteria, hence its common name 
“laughing gas.” The pure liquid oxide is put on the market 
in heavy steel containers. 

26 . H3q)oiiitrous Acid. — Hydroxylamine is oxidized by 
mercuric oxide or nitrous acid to hyponitrous acid : 2NH2OH 
+ 2 HgO = H2N2O2 + 2 Hg + 2H2O; NH2OH + HNO2 
= H2N2O2 + H2O. The ion is also formed by the reduction 
of nitrite with sodium amalgam or electrolytically with a 
mercury cathode. The silver salt, Ag 2 N 202 , is slightly 
soluble, and the free acid may be formed by treating the 
silver salt with an ether solution of hydrogen chloride. 
Upon evaporation of the ether, the acid is obtained as a 
highly explosive solid. In water solution the acid slowly 
decomposes into nitrous oxide and water: H2N2O2 = H2O 
-f- N2O. The reaction is not reversible. The double formula 
is assigned from measurements of the molecular weight in 
various solvents. The following potentials relate hyponi- 
trous acid to nitrous acid and hydroxylamine, 2H2O 
-f- H2N2O2 = 2HNO2 + 4 H'‘' -f 4 e“, — 0.80 volt, and 
2NH30H''’ = H2N2O2 + 6 H+ -f 4 e~, — 0.44 volt. The 
ionization constants of H2N2O2 are Ki = 9 X 10 ~® and 

Ki = 1 X 10”^. 

The compound, nitroxyl, NOH, appears to be formed as 
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an intermediate step in the oxidation of hydroxylamine or 
the reduction of nitrous acid. Under various conditions it 
may react to give N 2 O or H 2 N 2 O 2 or it may react with 
excess hydroxylamine to give nitrogen, NH 2 OH + NOH 
= N 2 + H 2 O. By its reaction with excess of nitrous acid 
nitric oxide may be formed. Sodium reacts with nitric oxide 
at low temperatures to form NaNO, which may be consid- 
ered to be a salt of NOH. The sodium compound liberates 
N 2 O with water. 

27. Nitric Oxide. — Pure nitric oxide is formed by the 
addition of dilute nitric acid (sp. gr. 1.2) to a boiling solu- 
tion of ferrous sulfate and dilute sulfuric acid : 3Fe++ + 

-f NOs" = SFe"*^ -f- NO H- 2 H 2 O. It may also be formed 
by the reduction of dilute nitric acid by various metals, 
such as copper or silver, although usually contaminated by 
some nitrogen, nitrous oxide, or nitrogen dioxide. 

Nitric oxide is highly endothermic, but is the most stable 
of the nitrogen oxides at high temperatures. It is formed to 
a small per cent in a mixture of nitrogen and oxygen in an 
electric arc, the reaction being the basis for the various arc 
processes for the fixation of nitrogen (see Nitric Acid). The 
oxide is also an intermediate step in another important 
process for the manufacture of nitric acid, namely, the oxi- 
dation of ammonia (Par. 32). 

Nitric oxide resembles nitrogen and oxygen in physical 
properties. The critical temperature is — 93°, and the 
boiling point — 150.2°. The heat of dissociation into N 2 
and O 2 is — 21 kcal., and into atomic nitrogen and oxygen 
about — ISO kcal. It is doubtless this latter large heat that 
renders the rate of decomposition so slow at low tempera- 
tures. The molecule contains an odd number of valence 
electrons, but possesses only slightly the general tendency 
of such compounds to form double molecules, nor is it 
colored. In the liquid state, however, it appears to be 
about 90 per cent associated into (NO) 2 . The oxide is 
magnetic, its magnetic susceptibility being approximately 
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half that of oxygen, which contains two unpaired electrons 

(cf. m— 3). 

At ordinary temperatures, nitric oxide reacts with oxygen 
or air to form brown nitrogen dioxide; but the equilibrium 
is reversed at higher temperatures (Table VII): 2NO + O 2 

2 NO 2 . Vigorously burning wood or phosphorus con- 
tinues to bum in nitric oxide, but it does not support the 
combustion of more feebly burning substances, such as 
sulfur or a tallow candle. The oxide is somewhat soluble in 
water, 4.7 vol. per 100 vol. of water at 20° and 1 atm. It is, 
however, very soluble in solutions of ferrous salts due to the 
formation of the dark brown colored complex ion, FeNO"'"*’ 
(cf. Par. 39). Complex ions with cupric, cobaltous, and 
platinous also exist, as well as the complex sulfite, K2SO3 
.2NO. 

28. Nitrogen Sesquioxide, and Di- or Tetra-oxide. — The 
sesquioxide, N 2 O 3 , is the anhydride of nitrous acid: N 2 OS 
-f H 2 O = 2 HNO 2 . The acid is very unstable and readily 
evolves the oxide, or, more correctly, a mixture of nitric 
oxide and nitrogen dioxide, since the sesquioxide is itself 
unstable at ordinary temperatures: N 2 O 3 = NO -f NO 2 . 
The equimolal mixture of oxides may be condensed to a 
dark blue liquid boiling at 3.5°. If the liquid is completely 
dried, it may be vaporized without dissociation. 

The dioxide, NO 2 (also incorrectly called peroxide), is 
largely polymerized in the liquid to tetroxide, N2O4. At the 
boiling point, 21.3°, the gaseous tetroxide is only about 20 
per cent dissociated into the dioxide, but at 135° the dis- 
sociation is 99 per cent. Above 150°, the dioxide begins to 
dissociate into nitric oxide and oxygen. 


TABLE VII 

Dissociation of Nitrogen Dioxide 


c 

130 

185 

350 

500 

620 

Per cent dissociated 

0 

5 

20 

57 

100 
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The dioxide is an “odd molecule,” and like the majority 
of such molecules, in addition to its tendency to polymerize, 
it is colored, the color in this case being a deep red-brown. 
The pure tetroxide, however, is colorless, and upon heating, 
therefore, undergoes a striking color change. 

1S0°?±620° 

N 4 O 4 ' ■ 2 NO 2 " n 2NO -H Oj 

Color- Deep Color- 
less brown less 


29. These oxides are involved in three important equilib- 
ria with water, nitric, and nitrous acids: (1) In small con- 
centrations, nitrogen dioxide reacts with water in the cold 
to give a blue solution of nitric and nitrous acids: 2 NO 2 
-h H 2 O = HNO 2 -I- H+ -b NO 3 - K = 105. It follows from 
the equilibrium constant that in a dilute solution of the two 
acids the concentration of nitrogen dioxide is very small. 
(2) Nitrous acid is unstable in respect to the decomposition : 
3 HNO 2 = H+ -b NO 3 - -b 2NO -b H 2 O, K = 30. This 
equilibrium is comparatively slow in cold dilute solutions, 
and, from the value of the constant, is rather easily re- 
versed. (3) In warm concentrated solutions of nitric acid, 
the quantity of nitrous acid, which may be present, is very 
small, and the principal equilibrium is the following: 3 NO 2 
-b H 2 O = 2 NO 3 - -b 2H+ -b NO, iT = 2 X 101 Although 
the equilibrium constant favors largely the formation of 
nitric acid from the dioxide, concentrated nitric acid may, 
however, be reduced by nitric oxide. The third reaction is 
extremely important in connection with synthetic nitric 
acid processes (Par. 32). With alkaline solutions only re- 
action (1) occurs, i.e. nitrate and nitrite are formed and the 
equimolal mixture of NO and NO 2 gives almost pure 
nitrite. 

It follows from these equilibria that the concentration of 
nitric acid affects greatly the reduction products of the acid. 
This concentration effect is illustrated by the following sum- 
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mary of the products formed by the action of nitric acid 
upon arsenous oxide : 


Density of HNOs 

1.20 

1.25 

1.35 

1.45 

Product 

Almost pure 
NO 

Mostly NO, 
a little 

NO 2 

Equimolal 
mixture, 
NO, NO 2 

1 part NO, 
10 parts 
NO 2 



30. Nitrous Acid and Nitrites. — The formation of nitrous 
acid, HNO 2 , from the dioxide or sesquioxide has been dis- 
cussed above. A solution containing nitrous acid may also 
be formed by the hydrolysis in dilute acid of nitrosylsulfuric 
acid: NO 2 HSO 3 + H 2 O = 2H+ -f SO 4 — + HNO 2 . A 
solution of nitrous acid is conveniently formed by the addi- 
tion of sulfuric acid to a nitrite in the cold. Nitrous acid is 
weak, the dissociation constant being 4.5 X 10“^. The 
solution has a slight bluish color. The decomposition of the 
water solution has been discussed (Par. 29). Nitrous acid is 
a rapid and fairly strong oxidizing agent: 

NO -f- H 2 O = H'*' -|- HNO 2 + e“, — 0.99 volt 

It thus oxidizes iodide quantitatively to iodine. Certain 
strong reducing agents, e.g., stannous ion, are able to re- 
duce nitrous acid to the negative oxidation states, but with 
many equally strong reducing agents, e.g., titanous ion, 
the reduction stops at NO. In general, such reductions 
involve a number of steps, but only in the case of sulfurous 
acid has the mechanism been worked out. 


With HSO3- With HSO3- With HSO3- 

HNO2 ^HSOs-NO >(HS03) 2NOH 5*(HS03) 3N. 

Nitrtws Nitrososulfonic Hydroxylamine Aminetri- 

acid disulfonic acid sulfonic acid 


With 

H+ 


With 

H+ 


With 

H+ 


HN0(H2N202) H 2 NOH HsN 

Hyponitroua acid Hydroxylamine Ammonia 
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The reactions indicated on the horizontal are reversed in 
strong alkali. The reduction products may be hydrolyzed 
in acid solution to form the compounds indicated by the 
vertical arrows. The reduction potential of nitrous acid to 
ammonium ion is: 

2H2O + NH4"'‘ = HNO2 + yH"*" + 6 e~, — 0.86 volt 
and in alkaline solution : 

70 H- + NH3 = NO2- + 5H2O + 6 e-, + 0.15 volt. 

Nitrous acid may also act as a reducing agent: 

HNO 2 + H 2 O = 3H+ + NO 3 - + 2 e- - 0.94 volt. 

A strong oxidizing agent is thus required, but the reaction 
is quantitative with permanganate. 

Nitrites are usually prepared by heating the alkali ni- 
trates either alone, 2KNO3 = 2KNO2 + O2, or with carbon 
or lead, to decrease the temperature of conversion : 2KNO3 
+ C = 2KNO2 + CO2. 

Nitrite forms complex ions with many positive ions, in- 
cluding cobaltic, ferrous, chromic, cupric, platinous; the 
most important being that with cobaltic ion, Co(N02)6 • 

The alkali nitrites are extremely soluble, but the silver ni- 
trite is but slightly soluble. The silver salt in contact with 
solution decomposes upon heating, according to the equa- 
tion: 2 AgN 02 = Ag -f NO •+- Ag+ + NOs“. 

Nitrous acid reacts with ammonia and with organic 
primary amines to form nitrogen: NH3 -f HN02(NH4'^ 
+ NO2-) = N2 + 2H2O; RNH2 + HNO2 = N2 + ROH 
-f- H2O; C 0 (NH 2)2 + 2HNO2 = 2N2 + CO2 + 3H2O. The 
reaction with urea, CO(NH2)2, is often employed to remove 
nitrites from solution. Nitrous acid forms nitrosoamines 
with secondary amines: R2NH -[- HNO2 = R2N-NO 
+ H2O. With aniline hydrochloride in the cold, nitrous 
acid forms diazonium chloride: C6H8NH2*HC1 ■+■ HNO2 
= C6H6N2CI + 2H2O. This reaction is important in the 
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synthesis of many organic compounds. Due to the weakness 
of nitrous acid, soluble nitrites are slightly hydrolyzed. 
Nitrites are readily distinguished from nitrates by the fact 
that ferrous ion is oxidized in dilute acid (acetic) by nitrite, 
but not by nitrate, to give (with excess of the ferrous ion) 
the characteristic brown color of the Fe(NO)+'^ ion. Nitrites 
are quite poisonous. 

31. Nitric Acid. — Pure nitric acid is a colorless liquid, 
density 1.54, freezing point — 47°, boiling point 86° under 
atmospheric pressure, and 35° under pressure of 20 mm. 
The concentrated acid is usually colored yellow, due to the 
presence of a percentage of the dioxide formed by the slow 
decomposition: 4HNO 3 = 4NO2 + 2H2O + O2. The speed 
of the decomposition is increased by higher temperature and 
by light. The acid fumes strongly in moist air; the water 
solution has a constant boiling mixture of 68 per cent acid, 
density 1.41, and boiling point of 120.5°. Upon repeated 
distillation of the pure acid, the constant boiling mixture is 
obtained through the formation of water by the decomposi- 
tion reaction. 

The anhydride or pentoxide may be formed by the action 
of phosphorus pentoxide upon concentrated nitric acid: 
2HNO3 + P2OB = N2O6 -i- 2HPO3. It is a white solid which 
readily sublimes, and is easily decomposed into the dioxide 
and oxygen. The freezing point composition curves for the 
acid and water show the existence of mono-, di-, and tri- 
hydrates at low temperatures. Water solutions of nitric 
acid are highly ionized (Append. IV). 

32. Three processes for the manufacture of nitric acid 
are now in use: (1) the older process of preparation from 
Chile saltpeter and sulfuric acid, (2) from nitric oxide 
formed by the oxidation of ammonia, (3) from nitric oxide 
formed by the direct union of the elements. 

For many years, Chile saltpeter (cf. IV — 23) was prac- 
tically the only source of nitric acid. The acid is produced 
from the salt by heating with concentrated sulfuric acid: 
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NaNOs + H2SO4 = HNO3 + NaHS04. The reaction pro- 
ceeds because of the greater volatility of nitric acid, and is 
carried out under reduced pressure in order to operate at 
the lowest possible temperature, and thus keep down the 
decomposition of the acid. The reaction mixture is heated 
in iron retorts, and nitric acid condensed and collected in 
glass tubes and vessels. The sodium acid sulfate is valuable 
because of its acid properties, and is used in various in- 
dustries. 

Since it is now possible to make ammonia synthetically 
at as low a cost per pound of nitrogen as Chile nitrate can 
be mined and extracted, ammonia has become the principal 
commercial source of the acid. In 1938 the production of 
nitric acid in the United States was approximately 160,000 
tons from ammonia and only 20,000 tons from nitre. The 
oxidation is carried out by passing a mixture of ammonia 
(about 10 per cent) and air over a heated platinum gauze: 
4NH3 -f- 5O2 = 4NO -h 6H2O. The platinum gauze is 
maintained at a temperature of 900-1000° C. The gaseous 
mixture is heated to about 300° before entering the catalyst, 
and the heat of oxidation is sufficient to maintain the cata- 
lyst at the high temperature once the reaction is started. 
The efficiency of oxidation is about 96 per cent of the am- 
monia. The gas from the catalyst passes into absorption 
towers: 2NO -1-02= 2NO2 and 3NO2 + H2O = 2HNO3 
-f NO. The first of these reactions is rather slow, but is 
catalyzed by most surfaces. The second reaction has been 
discussed at length under the oxide. The final two or three 
per cent of the oxide is absorbed in sodium carbonate solu- 
tion to give a mixture of nitrate and nitrite. An important 
factor in the successful development of the process has been 
the use of chrome-steel alloys in the absorption towers, as 
this metal is practically unattacked by nitric acid. 

33. Synthesis of nitric acid from its elements can only be 
carried out at extremely high temperatures as indicated in 
Table VIII. 
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TABLE VIII 

Equilibrium in the Reaction Nz + Oj = 2NO 


i^C 

1227 





3927 

Per cent of N 2 + O 2 combined . . 

0.1 



3.2 

4.2 

10.0 


The existence of nitric oxide at ordinary temperatures is 
obviously due to a very slow rate of decomposition, and 
this rate becomes rapid only at high temperatures. 


TABLE IX 

Estimated Time Required for Half Decomposition of NO 


t^C 



1627 

1827 

2627 

Time 





3 X lO"® sec. 


A process for the direct synthesis of nitric oxide must, 
then, involve the heating of a mixture of oxygen and nitro- 
gen to about 2000° C., followed by the rapid cooling of the 
equilibrium mixture. This is carried out commercially 
(chiefly in Norway) by blowing the gases through an elec- 
tric arc. The gases pass through the arc and are cooled 
rapidly by coming in contact with the walls of the tube. 
The nitric oxide is absorbed as discussed above in the am- 
monia process. Under the best working conditions, the 
3deld of nitric oxide is only about 2.5 per cent, and it is 
doubtful if the process can continue to compete with nitric 
acid from ammonia, even in countries where electrical 
power is very cheap. The yield is somewhat greater than is 
to be expected from the equilibrium values, doubtless due 
to the direct absorption of electrical energy by nitrogen to 
form activated molecules. The process occurs in nature 
through the action of lightning, and the annual fixation of 
nitrogen during thunder storms is doubtless very large. 

34. Nitric Acid as an Oxidizing Agent. — ^The conditions 
for the reduction of nitric acid to NO, N02“, or NO2 have 











§34] 


GROUP V. N, P, As, Sb, Bi 


205 


been discussed (Par. 29). The further reduction to NHs 
with SO 2 has also been treated (Par. 30) and this step may 
be carried out with Zn and other powerful reducing agents. 
The values for a number of the oxidation-reduction poten- 
tials at molal concentration are given below, but it must be 
pointed out that in the majority of the reactions the rates 
are slow, and that the speed becomes a factor of equal im- 
portance with the energy in determining what reactions 
will occur. 


TABLE X 

Oxidation-Reduction Potentials of HNOs and NOr 


Acidic solution VoLTSas* 

H 2 O 4 - NO 2 = NO 3 - + 2 H+ + e- - 0.81 

H 2 O + HNO 2 = NO 3 - + 3H+ 4 - 2 e“ - 0.94 

2 H 2 O + NO - NO 3 " 4 4H+ 4- - 0.96 

5 H 2 O 4 N 2 O = 2 NO 3 " 4 10H+ 4 8e- - 1.11 

3 H 2 O 4 IN 2 - NOa- 4 6H+ 4 5e- - 1.24 

2 H 2 O 4 NH 3 OH+ = NOa- 4 8 H+ 4 6 e- - 0.73 

6 H 2 O 4 N 2 Hs+- = 2 NO 3 - 4 17H+ 4 14e“ - 0.84 

3 H 2 O 4 NH 4 + = NO 3 - 4 10H+ 4 8e“ - 0.87 


The potentials for the oxidation of ammonia by steps in 
both acidic and basic solutions are shown in the following 
scheme : 

Acidic solution: 

- 1.24 - 1.46 1.87 

NH4+ N2H8+ NH3OH+ 

- 1.S9 - 0.99 - 1.07 

N2O NO HNO2 N2O4- 

Basic solution: 

- 0.10 - 0.74 3.04 - 0.94 

NH4OH N2H4 NH2OH Ns 

- 0.76 0.46 - 0.88 0.85 

NsO NO NOs- N2O4 NO3- 


- 1.77 

-Ns 

- 0.81 

NO3- 


Although the reduction to free nitrogen appears to give 
the greatest potential, this reaction is seldom realized, and 
then usually through the formation, first, of a compound of 
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nitrogen of negative oxidation number which reacts with 
nitrogen compounds of the same positive oxidation number, 
e.g. NH4+ + NOa” = Na + HaO and NHaOH + NOH 
= Na + 2HaO (Par. 26). The values in the table show 
that nitrate in alkaline solution is not a powerful oxi- 
dizing agent. The values in the table apply to molal con- 
centrations and cannot be used to predict the action of 
concentrated nitric acid, which is a far more powerful 
oxidizing agent, especially when heated. Nitric acid is re- 
duced by sulfurous acid or acid sulfites through the forma- 
tion of nitrosylsulfuric acid, HONO2 + H2SO3 = HSO3 
•NO2 + H2O, and its subsequent hydrolysis in dilute acid : 
HS03-N02 + H2O = HNO2 + H2SO4. (See Par. 31 for 
continuation of reduction process.) 

36. Nitric acid reacts with chloride ion according to the 
equation : 4H'*’ NOs” -t- 3C1~ = NOCl "f" d2 ~1" 2H2O. 
The compound, NOCl, is nitrosyl chloride, a liquid boiling 
at — 5.6°, and upon heating, it very readily decomposes 
into nitric oxide and chlorine. The mixture of nitric and 
hydrochloric acids, known as aqua regia, is capable of dis- 
solving gold and platinum, which will not dissolve in nitric 
acid alone. This, however, is not due to an increase in the 
oxidizing potential of the nitric acid in the presence of the 
chloride, but rather to an increase in the reduction potential 
of these metals in the presence of the chloride (cf. — 31). 

36. Nitric acid reacts with organic hydroxides to form 
nitrates, for example with glycerine to form “nitroglyc- 
erine,” C3H3(0H)3 + 3HNO3 = C3H5(N03)s + 3H2O, and 
with hydrocarbons, such as benzene, to form nitro com- 
pounds such as nitrobenzene: CeHe + HNO3 = C6H6NO2 
+ H2O. In both of these reactions, water is produced, so 
that the reaction is favored by the presence of concentrated 
sulfuric acid to lower the activity of this product. Large 
quantities of the mixed concentrated acids are manufac- 
tured for this purpose. At present, the major portion of the 
nitric acid manufactured is consumed in some form of 
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organic nitrate or nitro-compound, the more important 
being the explosives, plastics, varnishes, and dyes (cf. 
xra— 29). 

37. Nitrates. — ^The nitrates of the metals are, in general, 
readily soluble in water. The nitrate group shows but slight 
tendencies to form coordination compounds. The alkali 
nitrates decompose upon heating to form nitrites: 2NaN03 
= 2NaN02 + O2. The nitrates of the more noble metals 
form the dioxide, e.g. 2Cu(N03)2 = 2CuO + 4NO2 + O2. 
Ammonium nitrate decomposes into nitrous oxide and 
water: NH4NO3 = N2O + 2H2O. 

X-ray data on the crystalline nitrates show that the three 
oxygen atoms are arranged symmetrically about the nitro- 
gen atom in the same plane. 

The properties of many nitrates have been discussed 
under the various positive constituents, the more important 
being the salts of sodium, potassium, ammonia, and cal- 
cium. Formerly the largest use of a nitrate was in the man- 
ufacture of gunpowder, consisting of potassium nitrate, 
75 per cent; charcoal, 15 per cent; and sulfur 10 per cent. 
This mixture is moistened, ground, and the dried product 
granulated. When ignited, the powder bums and liberates 
a large volume of gases consisting mainly of nitrogen, car- 
bon dioxide, carbon monoxide, and some sulfur dioxide. 
This type of powder is not smokeless, since solid particles 
of potassium sulfide and oxide are dispersed in the gas 
phase. 

38. Peroxynitrogen Compounds. — Nitric oxide appears 
to unite with oxygen at low temperature ( — 180°) to form 
the peroxide, NO3, which decomposes upon heating. The 
silver salt of the peroxynitric acid, HNOj, is said to be 
formed by the electrolysis of a concentrated solution of 
silver nitrate, but neither the free acid nor other salts have 
been prepared. The highly unstable acid, HNO4, is formed 
by the action of hydrogen peroxide upon nitrogen pentox- 
ide: H2O2 -h N2O6 = HNO4 -f- HNOa. 
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39. Analytical. — The ferrous sulfate test for nitrates de- 
pends upon the reduction of nitrates by ferrous ion in con- 
centrated hydrogen ion solution and the formation of the 
brown complex ion, Fe(NO)‘‘^. The test may be carried 
out by the addition of about 5 cc. of ferrous sulfate solution 
to a few cc. of unknown solution. Holding the tube in an 
inclined position, 36N H 2 SO 4 is carefully poured down the 
side of the tube so that the two liquids do not mix. A brown 
ring at the junction of the two liquids indicates nitrate. 
The test is not satisfactory in the presence of chlorate, io- 
dine, bromine, nitrite, ferrocyanide, or ferricyanide. The 
diphenylamine test for nitrates consists of the addition of a 
solution of (C 6 H 5 ) 2 NH in sulfuric acid to 2 or 3 cc. of un- 
known solution on a watch glass. Upon gentle heating, a 
blue color is produced if a nitrate is present. 

The quantitative determination of nitrate is usually 
carried out either by reduction to ammonia and the deter- 
mination as such, or the reduction to nitric oxide, and its 
estimation as a gas (nitrometer method). In the former 
process, aluminum or Devarda’s alloy (AI 45, Cu 50, Zn 5) 
in alkaline solution is used as the reducing agent. The 
ammonia is distilled into excess standardized sulfuric acid, 
and the excess of acid titrated with sodium hydroxide. The 
nitrometer process depends upon the reaction: 2 N 03 ~ 
-I- 8H+ _+ 3804“ + 6Hg = 3Hg2S04 -1- 4 H 2 O + 2NO. 
The nitric oxide is collected in a gas burette or nitrometer 
and the quantity of nitrate calculated from the volume of 
gas. The base diphenylendoanilohydrotriazole, C 20 H 16 N 4 , 
called nitron, forms a slightly soluble nitrate, C20H16N4 
•HNO 3 , and this reagent can be used for the quantitative 
separation and estimation of nitric acid. 

PHOSPHORUS, ARSENIC, ANTIMONY, AND BISMUTH 

40. The elements of this group form an especially inter- 
esting series in that they involve a complete transition from 
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non-metallic to metallic character in both physical and 
chemical properties. It is, however, noteworthy that this 
transition is by no means uniform, but that there is rather 
an alternation in properties. Thus, nitrogen, arsenic, and 
bismuth form no pentachlorides, while phosphorus and 
antimony do. Figure 1 illustrates this alternation for the 
heats of formation of the trioxides and trichlorides when 
plotted against atomic numbers. This alternation extends 



not of fluorine or bromine. Heats of formation m fccal. per 

_ _ . , . - ^ equivalent against atomic numbers. 

Various other evidences ox 

alternation may be discovered, such as the enhanced ten- 
dency towards hydration of the oxides of phosphorus and 
antimony as compared with those of their immediate 
neighbors. 

41. Occurrence. — Phosphorus is the only member of the 
group which is never found free in nature. It occurs prin- 
cipally as calcium phosphate, Ca3(P04)2, and as apatite, 
Ca6F(P04)3 and Ca5Cl(P04)3. The first of these is found in 
large deposits of phosphate rock in Florida, Tennessee, 
Montana, and neighboring states, and in northern Africa. 
It is the principal mineral constituent of bones and teeth, 
and bone ash is largely calcium phosphate. Apatite occurs 
in many rocks, and important deposits are located in 
Canada. Many plant and animal tissues contain phos- 
phoproteins, complex compounds of protein with phosphoric 
acid derivatives, such as casein in milk, and vitellin in eggs. 
The average human body daily excretes phosphorus com- 
pounds containing about 2 g. of the element. 

Arsenic and antimony are occasionally found free, and 
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bismuth is generally so found. Their most important min- 
erals are the sulfides: arsenical pyrite, FeAsS; orpiment, 
AS2S3; realgar, AS2S2; stibnite, Sb2S3: bismuthinite, Bi2Ss. 
Oxides also occur such as claudetite, AS2O3 ; senarmontite, 
Sb20s; and bismite, Bi203*H20, and less frequently sele- 
nides and tellurides. Arsenides, such as FeAs2, CoAs2, and 
NiAs are not infrequent, and arsenic is a common impurity 
in sulfuric acid made from pyrites, in pig iron, and in com- 
mercial zinc. The most extensive deposits of antimony are 
located in China. The average percentage of the metals in 
the igneous rocks is given as: arsenic, 10“^ antimony 10“^, 
and bismuth 10“®. 


42. Properties of the Elements. — The more important 
physical constants are summarized in Table XI. Like the 
corresponding elements of Group VI, phosphorus, arsenic, 
and antimony exist in a number of crystalline modifica- 
tions. Phosphorus has the two familiar forms known as 
“white” and “red.” The white modification is formed by 
rapidly cooling phosphorus vapor. It is a wax-like sub- 
stance, of low melting point, very low heat of fusion (157 
cal. per g. atom), high volatility even at room temperature 


(Fig- 2) and is readily solu- 

_ 7 ble in carbon disulfide (90 g. 

1 3000 _ / per 100 g. sol. at 10°). It 

^ 2000 ignites spontaneously in air 

I ^ sj and is, therefore, usually 

^ I kept and worked under water 
200 300 400 500 in which it is only very 

Fig. 2. Vaporpri^rfpLphorus. ^00,- 

000) . It is extremely poison- 
ous, about 0,1 g. being a fatal dose, and the continued 


consumption of small amounts leads to chronic poison- 
ing, one of the symptoms of which is necrosis of the jaw. 
The white is a metastable form and upon heating or ex- 
posure to sunlight turns yellow and then red. The transi- 


tion is catalyzed by iodine: a trace of the latter causes a 
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very rapid reaction at 200°. The heat of the transition is 
3,700 cal. 

The red modification does not have definite density or 
melting point and appears to be a transition form or mix- 
ture of the white and the real stable modification, violet 
phosphorus. The latter is difficult to prepare pure, but 
may be obtained by crystallization from a solution in 
molten lead. The properties of red phosphorus are essen- 
tially those of the violet. It is much less volatile than the 
white and is not appreciably soluble in carbon disulfide or 
other solvents. Red phosphorus sublimes without melting, 
unless heated under pressure, and from the shape of the 
vapor pressure curves there does not appear to be a transi- 
tion point between the two modifications. Red phosphorus 
is not especially reactive, only slightly poisonous, and does 
not ignite below 240°. White phosphorus has a molecular 
weight corresponding to P 4 in its solutions and in the vapor 
state, but the red or violet is not sufficiently soluble to en- 
able its molecular weight to be determined. Above 1,500°, 
the vapor is somewhat dissociated into P 2 . A third solid 
modification, black phosphorus, is formed when a pressure 
of 4,000 atmospheres is applied to the element at 200°. 

Arsenic exists in a reactive metastable crystalline modi- 
fication, the so-called “yellow” arsenic, and a grey semi- 
metallic form. Yellow arsenic is formed by passing the 
vapor into cold carbon disulfide. The rate of transition 
into the grey form is rapid even at low temperature and in- 
stantcineous at room temperature in the sunlight. Yellow 
arsenic volatilizes readily, is extremely poisonous and 
phosphoresces in air at room temperature. Its molecular 
weight in solution corresponds to As 4 . The metallic form 
is steel grey in color with a bright luster, very brittle, and 
is a good conductor of heat but a rather poor electrical con- 
ductor. It sublimes without melting unless heated under 
pressure. 

Antimony occurs in modifications similar to those of 
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arsenic. Yellow antimony is transformed so rapidly into the 
stable form that it can be kept only at low temperature. 
Antimony also forms a metastable metallic modification 
known as explosive antimony from the character of its 
transition into the stable form when struck or scratched. 
The reaction evolves 20 cal. of heat per gram. Yellow anti- 
mony is formed by the action of oxygen upon liquid stibine, 
SbHs, at — 90°, and the explosive form by the electrolysis 
of a concentrated solution of antimony trichloride. The 
explosive form always contains some trichloride, and is 
probably a solid solution of the chloride in yellow antimony. 
The stable modification is a silvery white, metallic appear- 
ing substance. It is extremely brittle and much less volatile 
than arsenic. 

Bismuth is known only in the one crystalline metallic 
form. It is grey white with a slight red tinge, hard and 
brittle, a very poor conductor of heat, eind, although its 
melting point is low, the boiling point is high. 

43. Preparation of the Elements. — Phosphorus is gen- 
erally prepared from calcium phosphate through the re- 
action, Ca3(P04)2 + 3Si02 + SC = SCaSiOj + SCO + P2, 
which is carried out at high temperatures, usually in an 
electric arc furnace. Phosphorus vapor leaves the furnace 
along with the carbon monoxide and is condensed under 
water, while the calcium silicate is drawn off as liquid slag. 
The element was first prepared by Brandt in 1669, by the 
destructive distillation of the solid residue from the evapo- 
ration of urine. 

Arsenic, antimony, and bismuth may be obtained by the 
reduction of the oxides with carbon, e.g., AS2O3 -f 3C = 2As 
-f SCO. In case the ore is a sulfide, it may first be roasted 
to the oxide : 2AS2S3 -f 9O2 = 2AS2O3 -f 6SO2 ; or iron may 
be used as the reducing agent: Sb2S3 + 3Fe = 2Sb -f 3FeS. 
Native bismuth is easily extracted by taking advantage of 
its low melting point, and simply heating the ore and run- 
ning off the metal. Most of the bismuth is obtained as a 
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by-product of copper, lead, gold, and silver ores, generally 
from the flue dust of the smelters. 


TABLE XI 

Atom and Physical Properties of Phosphorus, Arsenic, Antimony, 
AND Bismuth 



P 

As 

Sb 

Bi 


31.02 

74.91 

121.76 

209.00 

83 

Atomic number 

IS 

I 33 

51 


31 

75 

121, 123 

2 

209 (210) (214) 

2 

Electrons in various 
quantum states. 

1st 

2 

2 

2d 

8 

8 

8 

8 

3d 

5 

18 

18 

18 

4th 


5 

18 

32 

Sth 



5 

18 

6th 




5 

Ioni 2 ation of gaseous 
atom, volts 

10.9 

10.5 

9? 

8? 

Size of M+ ion, cm. 
X 10* 

0.34 

0.47 

0.62 

0.74 

Molecular formula of 
gas at boiling point . 
Melting point 

P4 

W44.1* 

AS4 — Ass 

814® (36 atm.) 

610® (sub.) 

M 5.7 1 

Sb8 - Sb 
630.5® 

Bi: - Bi 

271® 

Boiling point ........ 

VS90 (43 
atm.) 
280® 

1440® 

1420® 

Oensity 

W 1.82 

M 6.58 

9.8 

Electrical resistivity, 
ohm-cm 

V2.34 

WlOii, 10 * 

Y3.9 

35 X 10"®. 0* 

Y5.3 

39 X 10“«, 20® 

US X 10-«r 20® 

G + 3 H 2 O « HaGO* 
+ 3H+ -|-3e- volts 

0.49 

- 0.25 

Sb « SbO+ - 0.21 

Bi = BiO+ - 0.32 


44. Commercial Applications of the Elements. — ^The elec- 
tric furnace production of phosphorus has increased rapidly 
since 1937. The element is shipped in tank cars and most 
of it is later burned to PaOs and made into various phos- 
phates. A large amount of the phosphorus is consumed in 
the preparation of the sulfide, P4S3 (Par. 62), for use in 
matches. Formerly matches were made by dipping wood 
splints into a paste containing white phosphorus, lead 
dioxide, powdered glass, and glue. Due to its poisonous 
nature, the use of white phosphorus is now prohibited in 
most countries and in its place the trisulfide is substituted. 
When struck, the friction raises the temperature to the point 
where the phosphorus sulfide is rapidly oxidized by the 
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lead dioxide and the match bursts into flame. In the so- 
called "bird’s eye” match, the phosphorus sulfide is present 
only in the small tip. The safety matches now used so ex- 
tensively contain no phosphorus in the match head, but the 
box is coated with a mixture of red phosphorus, glue, and 
abrasive. The match contains a mixture of good oxidizing 
agents, such as potassium chlorate or chromate or lead 
dioxide, and reducing agents, as antimony sulfide. It may 
be ignited by striking on some surface of low heat conduc- 
tivity, such as glass, and more readily on the surface of the 
box, since a trace of the red phosphorus is ignited by the 
friction and the heat kindles the match head. 

Phosphorus is used in tracer bullets, and burning phos- 
phorus is employed for the preparation of smoke screens. 
Ground with flour and grease, white phosphorus is used as 
a poison for rodents. 

Very little free arsenic is consumed. The annual con- 
sumption in the United States is around 100 tons. A small 
amount of element (0.5 per cent) is usually added to lead in 
making shot to harden it and also to increase the surface 
tension. The latter aids in obtaining perfect spheres when 
the shot is made by allowing molten drops to fall from a 
height. The use of arsenic as a metal-tempering material is 
increasing. Arsenical copper alloys are now employed in 
products which require soldering, as their annealing tem- 
perature is high and the substance does not suffer loss of 
strength during heating. The trioxide is an important com- 
mercial compound. 

Antimony is a cheap metal which can be used in certain 
instances as a substitute for more expensive metals. Most 
of the world’s supply comes from China. The annual con- 
sumption in the United States is about 20,000 tons. Its 
principal use is in the manufacture of alloys, especially 
those of lead and tin, the most important being type metal, 
white metal, hard metal, britannia, babbitt, and antifric- 
tion metal (see Alloys of Lead and Tin). The presence of 
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antimony adds to the hardness of the metal and also con- 
tributes the property of expanding upon solidification, 
which makes these alloys very useful in the preparation of 
sharp castings. About half of the American consumption 
goes into a lead alloy for battery plates. 

Bismuth alloys also expand upon cooling and make 
good castings. A number of bismuth alloys can be pre- 
pared which melt below the boiling point of water, e.g. 



M.P. 

Bi 

Pb 

Sn 

Cd 

Lipowitz metal 

60° 

50 

27 

13 

10 

Woods metal 

71° 

50 

25 

12.5 

12.5 

Rose metal 

94° 

50 

27.1 

22.9 

— 


Alloys of this type are used in automatic fire extinguishers 
which depend upon plugs of the alloy melting and releasing 
water sprinklers, closing fire-doors, etc. Such alloys are 
also employed in safety plugs in steam boilers to guard 
against over-heating. An alloy of 55.5 per cent Bi and 44.5 
per cent Pb is utilized as a master pattern metal in the 
foundry industry. An aluminum alloy (Al, 93.5; Cu, 5.5; 
Pb, 0.5 ; Bi, 0.5) is free cutting and is used as the material 
for aluminum screws. 

45. Reactions of the Elements. — ^The reactions of phos- 
phorus are markedly different for the two modifications. 
Yellow phosphorus in moist air at ordinary temperature 
emits a pale greenish light and gives off white fumes of the 
sesquioxide, and the reaction is accompanied by the forma- 
tion of ozone. The light is not true temperature radiation 
but results from the conversion of some of the reaction 
energy directly into light (chemiluminescence). The glow 
appears to be connected with the formation of trioxide and 
does not occur if the partial pressure of the oxygen is con- 
siderably increased, although oxidation to the pentoxide 
then takes place. Yellow phosphorus ignites at about 45°, 
the red at about 260°. The yellow modification likewise 
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ignites spontaneously in chlorine, but the red must be 
heated to start the reaction. Yellow phosphorus is also 
soluble in hot alkalies liberating phosphine while the red is 
not although the energy of the reaction is favorable. Phos- 
phorus reacts with sulfur forming sulfides and with the halo- 
gens (Par. 61 ). Moderately strong oxidizing agents oxidize 
phosphorus to phosphoric acid; P + 4H2O = H3PO4 + SH"*" 
-f 5 e~; + 0.3 volt. The potential value indicates that even 
hydrogen ion should be capable of oxidizing the element but 
the oxidation appears to be slow with all weak oxidizing 
agents. 

Arsenic, antimony, and bismuth form surface films of 
oxide in moist air, and bum to the trioxide when heated 
(Sb also forms some Sb204). Like phosphorus, they unite 
directly when heated with sulfur (Par. 62 ), the halogens 
(Par. 61 ), and various metals (Par. 63 ). The oxidation of 
the elements to the -|- 5 state becomes increasingly difficult 
with increasing atomic weight. Concentrated nitric acid, 
acting upon the elements, forms H3ASO4, Sb206, and 
Bi(N03)3. The reactions are summarized in Table XII. 


TABLE XII 


Reactions of Phosphorus, Arsenic, Antimony, and Bismuth 
(G = any element of the group) 


4G + 3 O 2 = 2 G 2 O 5 
2G + 3 X 2 = 2GX8 

2G + 3S - GsSa 
nM “f mG ~ MnGm 


See also P 2 O 6 and Sb204 
X = halide. See also Par. 61 for 
GXfi, etc. 

See Par. 62 for other sulfides 
Formation of metal phosphides, 
arsenides, antimonides, and bis- 
muthides 


46 . Hydrogen Compounds. — Gaseous hydrogen com- 
pounds the analogues of ammonia, are formed by all mem- 
bers of the group: phosphine, PH3; arsine, AsHs; stibine, 
SbHs; bismuthine, BiHs. They are frequently referred to as 
hydrides, but since the hydrogen is undoubtedly more posi- 
tive, the name does not appear to be appropriate. 
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TABLE XIII 


Physical Properties of Hydrogen Compounds 



NHa 

PH3 

AsHs 

SbHs 

BiHa 

Melting point, ®C 

- 75 



- 88 

? 

Boiling point, ®C 

- 33.5 



- 18 

? 

Heat of formation, kcal 

10.2 

1.9 


- 34? 

? 

XH, = X(iNs)-l-3H+-^-3e- 
volts 

- 0.27 

0.03 

0.54 

0.51? 

(0.8) 


47 . Unlike ammonia, the other members of the group 
cannot be prepared by the direct union of the element and 
hydrogen. Phosphine decomposes readily upon heating; 
stibine decomposes explosively, and the bismuth compound 
is so unstable that a quantity of the gas is 80 per cent de- 
composed in 50 minutes at room temperature. The decom- 
position of arsine and stibine is further considered under 
the Marsh test (Par. 64 ). 

A general method of preparation is the hydrolysis of a 
binary metal compound similar to the hydrolysis of mag- 
nesium nitride to form ammonia: CasP2 + 6H2O = 3Ca- 
(0H)2 + 2PH3; NasAs -t- 3H2O = 3NaOH + AsHs: 
Zn3Sb2 -1- 6H2O = 3Zn(OH)2 + 2SbH3; MgsBia + 6H2O 
= 3Mg(OH)2 + 2BiH3. 

Phosphine may also be prepared by boiling white phos- 
phorus with a solution of an alkali: 4P -H 30H“ -t- 3 H 2 O 
= 3H2P02~ + PH 3 . There are usually present in the gas 
traces of the compounds P 2 Hi and P 4 H 2 . 

Arsine may be formed by cathodic reduction, or by the 
reduction of arsenic compounds in acid solution by zinc or 
magnesium: HsAsOs + 3Zn -1- 6H''' = AsHs + 3Zn‘'^ 
H- 3H2O. This reduction gives, of course, a mixture of the 
gas and hydrogen. The same method is also applicable to 
the preparation of stibine, but the more powerful reducing 
agent, magnesium, must be used for bismuthine. 

These compounds are all extremely poisonous and it is 
dangerous to inhale even small amounts. Because of the 
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presence of arsenic in many acids and metals, arsine is a 
common impurity in hydrogen prepared through their in- 
teraction, and such hydrogen should, therefore, not be 
inhaled unless it has been passed through permanganate 
solution. 

Phosphine ignites spontaneously in air. The gas burns to 
phosphoric acid; PH 3 + 20 2 = H3PO4. If bubbled through 
water into air, the bubbles ignite at the surface and form 
beautiful smoke rings. Arsine and stibine readily bum in 
air, forming the trioxides. If, however, a piece of cold porce- 
lain is placed in the flame, it is coated with the free element. 
The liquid compound, P2H4, decomposes in the light into 
phosphine and a hydrogen phosphide, P4H2, or possibly 
P12H6, which is a solid: 5 P 2 H 4 = 6PH3 + P4H2. 

48. Unlike ammonia, these compounds are only slightly 
soluble in water (PH 3 , 11 vol. in 100 vol. water at 15°), and 
the solutions are not alkaline. The basic nature of the com- 
pounds decreases with the increasing size of the elements. 
Indeed, phosphine is the only one which resembles am- 
monia in the formation of salts, the phosphonium com- 
pounds, and these are far less stable than the ammonium 
compounds. 

Phosphonium iodide, PH 4 I, is formed by the reaction: 
PH3 -f HI = PH4I. It crystallizes in beautiful, large, 
highly refracting, square, prisms which sublime at 62°. It is 
a powerful reducing agent, and is decomposed by water 
with the liberation of phosphine. Phosphonium bromide 
resembles the iodide, but the chloride can only be formed at 
room temperature under pressure (at 14° the dissociation 
pressure, PH 4 CI = PH 3 - 1 - HCl, is about 20 atmospheres). 

Phosphine reacts with solutions of certain metallic ions, 
e.g. Cu"*^, with the formation of slightly soluble metal phos- 
phides, which usually are of uncertain composition. Arsine 
passed into a solution of silver nitrate gives metallic sil- 
ver and arsenious acid: AsHs -f 6 Ag+ -|- 3H2O = 6 Ag 
+ H3ASO3 -t- 6H'*'. Under the same conditions, stibine 
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gives silver antimonide : SbHs + 3 Ag+ = 3 H+ + AgsSb. 
Arsenic forms no compounds analogous to hydrazine but 
organic derivatives are known, such as As2(CHs)4, cacodyl. 

Oxides and Acids 

49 . The oxides and acids are summeirized in Table XIV. 


TABLE XIV 

Acids and Oxides of Phosphorus, Arsenic, Antimony, and Bismuth 


Oxidation 

State 


P 


As 


Sb 


Bi 


2 

3 

4 

5 

1 

3 

4 

5 


Oxides 
Monoxide 
“Trioxide 
Tetroxide 
Pentoxide 
Acids 
Hypo-us 
’ meta 
-ous ' ortho 
I pyro 
Hyp9-ic 
* meta 
-ic J ortho 
pyro 
tetra 


(or X 40 «) 


P2O3 

P2O4 

P2O5 


AS2O3 

AS204(?) 

AS2O5 


Sb203 

Sb204 

Sb206 


BiO 

Bi203 

Bi204 

Bi205 


H3PO2 


H3PO3 

H4P2O3 

H4P2O6 

HPO3 

H3PO4 

H4P2O7 

H6P4O13 


HAsOs 

HsAsOs 

HSb02 

HsSbOa 


Bi(OH)3 




HAsOs 

H 3 ASO 4 

H4.^S207 

(HSbOs) 

HSb(OH)6 

HBiOs 





Peroxyacids of phosphorus, H4P2O8 and HjPOg, also exist. 
The pentoxides, with the exception of that of phosphorus, 
readily evolve oxygen upon heating, forming the sesquiox- 
ides. These oxides are formed also upon burning the ele- 
ments in air. Measurements of gas density show that the 
sesquioxides, generally called the trioxides, are associated 
into double molecules, X4Q6. Phosphorus pentoxide has 
an enormous affinity for water, even removing it from con- 
centrated sulfuric acid. The oxides of arsenic react slowly 
with water, while the oxides of antimony and bismuth show 
almost no such reaction. With increasing size of the atoms, 
the oxides become less acidic. 

60 . Oxides and Acids of Phosphorus. — ^The sesquioxide, 
P203(P406), is produced by the combustion of phosphorus 
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in a limited supply of air. It dissolves slowly in cold water, 
to form phosphorous acid, and violently in hot water, to 
form phosphoric acid and phosphine: 2 P 2 O 3 + 6 H 2 O 
= PHs + 3HsP 04. When heated in a sealed tube, it de- 
composes into the tetraoxide and phosphorus: 4P2O3 
= 3 P 2 O 4 + 2P. The trioxide is read- 
ily separated from the pentoxide by 
the greater volatility of the former. 
The heat of formation of P2O6 from 
its elements is about 370 kcal., and 
the heat of solution in water to form 
orthophosphoric acid, H 3 PO 4 , is about 
35 kcal. The pentoxide appears to 
exist in a number of forms, one of 
which sublimes at about 350°. The 
vapor density of the higher oxide corresponds to the for- 
mula P 4 O 10 even at 1500°. Frequent mention has been 
made of the oxide as an extremely efficient drying agent. 

Electronic formulas for the more important phosphorus 
acids are given below: 



Fig. 3 . Structure of 
P4O6 and AS4O6. 



H 

H H 

;0: 

:0: 

:b::b: 

H:P:b :H 

H:P;0 :H 

H :d: P : P :6: 

H 


:6 :: 6 : 

Hypophosphorous 

acid 

Phosphorous 

acid 

Hypophosphoric 

acid 


H 

H 

H H 

:b; 

;0: :0: 

• • • • 

:0: :0: 

[:d:P:b:H 

P 

H : b : P : 6 : P : 0 

;0: 

:0: 

: 0 : : 6 : 

Orthophosphoric 

acid 

Metaphosphoric 

acid 

Pyrophosphoric 

add 


The formulas for h 3 qjophosphorous acid and phosphorous 
acid have been written with two and one hydrogen atoms. 
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respectively, attached to the phosphorus. T his is in agree- 
ment with the fact that the former acts only as a monobasic 
acid and the latter generally 
as a dibasic acid, and also 
that these acids are fairly 
strong (even stronger than 
phosphoric add — see Table 
XV), whereas the general 
rule that the higher the posi- 
tive oxidation state, the 
stronger the acid, would pre- 
dict that they would be very 
weak acids, since phosphoric 
acid is, itself, only moder- 
ately strong. In other words, 
it seems probable that the 
hydrogen attached to phos- 
phorus serves to attract electrons, and thus increase the 
effective charge on the central atom. 



Fig. 4. Structure of P 4 O 10 . 


TABLE XV 

Conductivity of Phosphorus Acids 



H,PO* 

HaPOi 

H.PO 4 

Equivalent Conductivity 

281 

257 

156 



61. Salts of hypophosphorous acid, H(H2P02), are ob- 
tained by the action of phosphorus on an alkaline solution 
(Par. 47). The free acid may be prepared by treating the 
barium salt with sulfuric acid. The add is a strong reduc- 
ing agent and a poor oxidizing agent: 

H2O + H3PO2 = H3PO3 4- 2H+ + 2 e-, 0.59 volt 
2H2O + P = H3PO2 -f- H+ -I- e- 0.29 volt 

When heated, it decomposes into phosphine and phosphoric 
acids. The sodium salt, NaH2P02, is used in medicine 
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under the belief that phosphorus can thus be supplied to the 
body tissues. As mentioned above, the acid is monobasic 
and highly ionized in solution. 

62 . Phosphorous acid, HzCHPOs), is formed by the action 
of the trioxide upon cold water, or by the hydrolysis of the 
trichloride: PCI3 + SHjO = H3PO3 + 3 HC 1 . The further 
addition of the chloride gives the pyro-acid, H4P2O5. The 
acid decomposes upon heating to give pure phosphine and 
phosphoric acid. The acid is oxidized to phosphoric acid: 

H3PO3 + H2O = H3PO4 + 2H+ + 2e-, + 0.2 volt 

but a moderately strong oxidizing agent is required as the 
first step is probably 

2 H 3 PO 3 = H 4 P 2 O 6 + 2H+ + 2e-, (- 0.4) volt 

63. H3^ophosphoric acid, H 4 P 2 O 6 , may be formed, mixed 
with phosphorous acid, by the slow oxidation of phosphorus 
in a limited supply of moist air. It is tetrabasic, and its 
salts are relatively unimportant. 

64. The Phosphoric Acids and Phosphates. — ^The prod- 

uct of the addition of phosphorus pentoxide to an excess 
of water is a solution of the orthophosphoric acid, H3PO4. 
This acid, or its hydrate, 2 H 3 P 04 'H 20 , may be crystallized 
from the solution by evaporating under reduced pressure. 
The pure acid melts at 42.3° and the hydrate at 29.4°. The 
acid is tribasic, and thus forms three series of salts. The 
ionization constants for the acid are, respectively, Ki = 7.5 
X 10~®, Ki = 6.2 X 10~®, Kz = The values for the 

molal concentration of H'*' in molal solutions of the follow- 
ing are: H3PO4, 0.1; NaH 2 P 03 , 2 X 10"^; Na 2 HP 04 , 10"®; 
Na3P04, 10-1^ 

Phosphoric acid is but a very weak oxidizing agent 
(Par. 62). In this respect, it differs greatly from the other 
-f 5 acids of the group. 

Impure commercial acid is made by heating pulverized 
phosphate rock with sulfuric acid: Ca 3 (P 04)2 + 3 H 2 SO 4 
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= 2H3PO4 + 3CaS04. The greater portion of the calcium 
sulfate formed in the reaction is precipitated and separated 
by filtration. The acid is also manufactured by a method 
similar to the preparation of the free element by heating 

phosphate rock with carbon o,*| 

and sand, but differing in 

that air is introduced to 

oxidize the phosphorus va- f 

por to the pentoxide, which 

is absorbed in water. 10 L ______ — 

• i I nrCi4 

The most important salts y 

of orthophosphoric acid are x 

the calcium compounds. The / 

occurrence of enormous de- | . „ 

.4 I- C — n2“U4 

posits of the slightly solu- ’o j 

ble tricalcium phosphate has y 

been mentioned. Soluble 

phosphate constitutes an im- 
portant constituent of fertile 

soils and large quantities of 10 20 so 40 

phosphate rock (U. S. pro- co. of 0.1 MNaOH added 

duction about 4 . 000,000 tout ^ 

yearly) are mined and con- 
verted into the soluble salt, Ca(H2P04)2, for use as fer- 
tUizer: Ca3(P04)2 + 2H2SO4 -b 4H2O = Ca(H2P04)2+ 2 Ca- 
S04'2H20. The mixture of acid phosphate and gypsum 
is sold under the name of “superphosphate of lime.” Triple 
superphosphate is made by the action of phosphoric acid 
on phosphate rock, Ca3(P04)2 + 4H3PO4 = 3Ca(H2P04)2. 
It seems likely that ammonium phosphate will to a certain 
extent replace the superphosphate as a fertilizer (Par. 17 ). 

Most of the normal orthophosphates are but slightly 
soluble. The compounds, ammonium magnesium phos- 
phate, MgNH4P04*6H20, and ammonium phosphomolyb- 
date, (NH4)3P04*12 Mo03, are mentioned under analytical 
properties. Microcosmic salt, Na(NH4)HP04, is used in 
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bead tests similar to the borax bead. The disoditun phos- 
phate, Na2HP04*12H20, is employed as a laboratory re- 
agent. This compound loses water upon heating, forming, 
at about 95 °, the anhydrous salt. Sodium and calcium 
diacid phosphates are used in one type of baking powder. 

If the ortho-acid is heated to 215 °, water is lost and 
p3rrophosphoric acid is formed: 2H3PO4 = H4P2O7 -f- H2O. 
When this acid is dissolved in cold water, the rate of trans- 
formation back into the ortho-acid is slow, but the trans- 
formation is rapid in hot water. All four hydrogen ions are 
replaceable by metals, and the four ionization constants 
are-.Ki = 1.4 X 10 -\ 2^2 = 1.1 X 10 -^ isTs = 2.9 X 10 -^ 
Ki = 3.6 X 10 “®. The silver salt, Ag4P207, is but slightly 
soluble, and the magnesium salt, Mg2P207, is of anal3^ical 
importance. Sodium pyrophosphate is readily formed upon 
heating disodium hydrogen phosphate, Na2HP04. The 
pyro-acid may be distinguished from the other phosphoric 
acids through the formation of a precipitate with zinc 
acetate. 

Metaphosphoric acid, HPO3, called glacial phosphoric 
acid is formed as a transparent glass by strongly igniting 
either the ortho- or pyro-acid. Like the pyro-acid, it is 
transformed but slowly into the ortho-acid in cold water. 
Most metaphosphates are insoluble, and the acid may be 
distinguished from the other phosphoric acids by the fact 
that it gives a precipitate with calcium ion. 

Tetraphosphoric acid, HaP40i3, is now a commercial 
product. It is used in reactions where a high P2O5 content 
is desired. See also the use of NafiP40i3 as a water softener 
(V-11). 

65 . The Peroxyphosphoric Acids. — HsPOs and H4P2O8 
(compare Peroxysulfuric Acid), are formed by the electrol- 
ysis of solutions of the salt, K2HPO4, containing a little 
potassium fluoride and dichromate. The former is the prin- 
cipal product at high current density and the latter at lower 
current densities. The former may also be prepared by 
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treating the pentoxide with cold 30 per cent hydrogen 
peroxide. 

66 . Oxides and Acids of Arsenic.— The trioxide, AS 2 O 3 , 
(AS 4 O 6 ), generally known as white arsenic, is commercially 
the most important compound of the element (cf. Fig. 3). 
Its most important source is the flue dust of smelters roast- 
ing arsenic-containing ores, and it is recovered from the 
dust by resubliming. The vapor condenses to a vitreous 
form which slowly changes to an octahedral crystalline 
modification. A monoclinic form may be prepared by heat- 
ing for some time at 200°. The oxide is slightly soluble in 
cold water and more soluble in hot water. The rate of solu- 
tion in both cases is very slow. The solution contains 
arsenious acid, HASO 2 . The acid is but slightly ionized, 
K = 6 X 10~“. About 60 per cent of the white arsenic 
consumed in the United States (40,000 tons per annum) is 
used in the manufacture of insecticides, 25 per cent in the 
manufacture of weed killers, and about 5 per cent in the 
manufacture of glass. Smaller quantities are used in the 
preparation of ant paste and rodent poison, as a mordant in 
dyeing, and as a wood preservative. The fatal dose of the 
oxide is 0.06-0.2 g., but a toleration may be developed that 
will permit the consumption of several times this amount 
without harmful effects. A number of organic arsenic com- 
pounds are used in medicine, which are highly toxic to lower 
organisms, but which can be tolerated in fairly large quan- 
tities by the human body. 

Although the trioxide is somewhat amphoteric, it is moire 
acidic than basic and dissolves readily in alkalies forming 
arsenites. Salts of the types NajAsOs, NaAs 02 , and Na 2 - 
AS 4 O 7 may be obtained, but the free poly-acids are not 
stable and decompose to give the oxide. The soluble salts 
are highly hydrolyzed, due to the weakness of the acid. 
Ferric and magnesium arsenites are very slightly soluble, 
and suspensions of the hydroxides of tiiese ions are admin- 
istered in cases of arsenic poisoning. Sodium arsenite is used 
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extensively in the preparation of poison bait for grass- 
hoppers, crickets, beetles and as a weed killer. A number of 
copper arsenites are important insecticides and pigments, 
such as Paris green, Cu4(C2H302)2(As03)2, and Scheele’s 
green, CuHAs03. 

The trioxide dissolves in concentrated hydrochloric acid 
to form a trichloride, but this compound is completely hy- 
drolyzed in dilute acid solution. 

Arsenious acid may be oxidized to arsenic acid : 

HAs02 + 2H2O = H3ASO4 -f- 2 H+ + 2 e-, - 0.559 volt 

As is evident from the potential value, a fairly strong oxidiz- 
ing agent is required. In neutral solution the reaction with 
iodine is quantitative, but in acid solution, the reaction is 
reversed and arsenic acid oxidizes iodide quantitatively. A 
value of — 0.234 volt is given in Table XII for the metal- 
arsenite couple. 

67 . Orthoarsenic acid is obtained upon evaporating a 
solution made by dissolving the trioxide in nitric acid. It 
crystallizes as 2H3As04*H20. When heated, water is lost 
to form the pentoxide, AS2O6, which readily dissolves again 
in water to form the acid. 

Arsenates resemble the phosphates in solubility and 
crystalline form. The sodium salts, Na2HAs04 and Na4- 
AS2O7, are used in the preparation of the lead arsenates, 
Pb3(As04)2 and PbHAs04, and the corresponding calcium, 
arsenates. The former are employed extensively to provide 
protection against fruit insects, and the latter for controlling 
the cotton boll weevil. The value of arsenic as an oxidizing 
agent has been discussed above. 

68 . Oxides and Acids of Antimony. — ^The so-called tri- 
oxide, Sb203 (or Sb406), together with some tetroxide, is 
formed when antimony burns in air. The tetroxide may be 
prepared from the trioxide by heating in air to moderate 
temperature ( 300 - 400 °), but at higher temperatures (about 
900 °) it decomposes again to the trioxide. The trioxide is 
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amphoteric. It dissolves in concentrated acids, but only 
basic salts can ordinarily be crystallized from the solutions, 
e.g. (Sb0)2S04, (SbONOa, and K(Sb0)CiH406. In hot 
water, these salts are completely hydrolyzed. The basic 
radical, SbO, is known as antimonyl, and the potassium 
antimonyl tartrate has long been used in medicine under the 
name of tartar emetic. The antimonyl ion gives only a very 
small concentration of Sb+++. 

The trioxide dissolves in alkalies, forming salts of anti- 
monous acid. The sodium metaantimonite, NaSb02*3H20, 
may be crystallized from the solution in sodium hydroxide. 
Salts of the ortho- and pyro-acids are also known. 

The tetroxide is acidic in properties, dissolving in alkalies, 
but not acids. Two hypoantimonates occur as minerals, 
CaSb206 and CuSb206. 

Antimony pentoxide, like the corresponding oxide of 
arsenic, may be prepared by the action of nitric acid upon 
the trioxide. Antimonic acid appears to have the formula 
HSb(OH)6. The oxide and acid are only slightly soluble in 
water, but they dissolve easily in alkali. The so-called potas- 
sium acid pyroantimonate, probably KSb(OH)6, is very 
soluble in water, but the corresponding sodium compound 
is the least soluble of all sodium salts, and is sometimes 
employed as a test for sodium. As the solubility is about 
0.03 g. per liter, the test is not delicate. The acid is a good 
oxidizing agent: 

SbO+ + 5 H 2 O = HSb(OH)6 -1- 3H+ + 2e-;ca - 0.7 volt 

69. Bismuth. Oxides, Hydroxides, and Acids. — Bismuth 
monoxide is prepared by heating basic bismuth oxalate: 
(Bi0)2C204 = 2BiO -f 2CO2. It is readily oxidized to the 
sesquioxide. The latter oxide occurs in nature, and may be 
formed upon heating the metal in air. It has a yellow color, 
a comparatively high melting point, and exists in several 
crystalline modifications. This oxide is not soluble in bases 
but dissolves in acids, and normal salts may be obtained by 
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evaporating the acid solutions. When treated with water in 
the absence of acid, these salts are hydrolyzed to basic 
compounds, e.g., basic nitrate (also called subnitrate), 
Bi( 0 H) 2 N 03 , basic sulfate, (Bi 0 ) 2 S 04 , and oxychloride, 
BiOCl. A number of basic carbonates are known. These, 
and also the basic nitrate, are employed in medicine in the 
treatment of infections of the alimentary canal. The hy- 
droxide, BiOOH, is precipitated from the salt solutions by 
alkalies. It is not soluble in excess of the reagent. Bis- 
muthyl ion is readily reduced to the metal : 

H 2 O + Bi = BiO+ + 2H+ + 3e-; - 0.32 volt 

60. Bismuth pentoxide, Bi 20 s, is formed by the action of 
very strong oxidizing agents upon the trioxide, e.g. NaClO 
in weakly alkaline solution. It is comparatively non-reac- 
tive. In concentrated sodium hydroxide it forms sodium 
bismuthate, NaBiOa. In water or acid, this compound 
hydrolyzes to the acid, which is a very powerful oxidizing 
agent: 

BiO+ + 2 H 2 O = HBiOa + 3H+ + 2e-,ca - 1.6 volts 

The acid will even oxidize manganous ion to permanganate 
in acid solution. Orthobismuthates are not known, al- 
though a tetroxide, BiaO*, which is formed along with the 
pentoxide by the action of chlorine in alkaline solution upon 
the trioxide, is considered to be bismuth orthobismuthate, 
Bi(Bi04). 

61. Halogen Compounds. — ^The various halogen com- 
pounds are summarized on page 229. 

The halides may, in general, be prepared by the direct 
action of the elements. The compounds, AsXa, SbXa, and 
BiXa, may also be prepared by treating the corresponding 
oxide with the concentrated halogen acid. The relatively 
unstable PCI 2 is formed by passing an electric spark through 
mixtures of PCI 3 vapor and hydrogen. 
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TABLE XVI 

Halides of Phosphorus, Arsenic, Antimony, and Bismuth 
X = any halogen 


p 

As 

Sb 

Bi 

PC12, PI2 

Asl 2 


BiCl 

BiCU, BiBr 2 

PXs 

AsXs 

SbXj 

BiXs 

PXb (except I) 

AsFs 

SbCU in RbsSbCls 
SbXg (except I) 

BiCU 

BiFs 


The salt-like nature of the compounds increases with the 
increasing size of the elements of the group; thus phosphorus 
trichloride is a non-conductor of electricity, while molten 
bismuth trichloride conducts readily. The halides are hy- 
drolyzed by water, e.g., PClg -f 4H2O = H3PO4 -f 5 HC 1 . 
Often an oxyhalide forms as the first step, e.g., POCI3, 
SbOCl, and BiOCl. The more basic the oxide, the less is the 
tendency of the halide toward hydrolysis: thus the hydroly- 
sis of antimony and bismuth trichloride at ordinary tem- 
peratures stops at the oxychloride, and the reaction is 
readily reversed by acid. On account of its ready hydrolysis, 
phosphorus trichloride is used extensively in organic chem- 
istry to replace hydroxide by chloride, e.g. SCHsCO^OH 
-b PCI3 = 3CH3COCI -b H3PO3. Antimony trichloride 
early received the name of butter of antimony and was em- 
ployed for medicinal purposes. It was prepared by the 
reaction :Sb2S3 -b 3 HgCl 2 = 3 HgS -b 2 SbCl 3 . Bismuth tri- 
iodide is soluble in excess iodide, forming salts of the com- 
plex iodide Bil4“. The antimony tetrachloride is known 
only in complex salts. 

62 . Sulfides. — The following sulfides are known : 


P 

As 

Sb 

Bi 


AsS 


BiS 

P4S, 




PsSs 

AS2S8 

SbaSs 

BisS, 



SbsSi 


P2S5 

As2Ss 

Sb2S6 


PSe 
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The sulfides of phosphorus may be prepared by heating 
together the elements in equivalent amounts. Only two of 
the compounds, P 2 S 6 and P4S3, are sufficiently stable to be 
crystallized from solution in carbon disulfide. The penta- 
sulfide is used as a reagent in organic chemistry. The tri- 
sulfide, P4S3, has been mentioned in connection with the 
manufacture of matches. 

Arsenic monosulfide, AsS, occurs as the mineral realgar. 
It may be formed by heating together the elements, or by 
the reaction: FeS 2 -t- FeSAs = 2 FeS -I- AsS. The yellow 
trisulfide, AS 2 S 3 , also occurs as a mineral, orpiment. It is 
precipitated from solutions of arsenites by hydrogen sulfide. 
With pure arsenious acid, the precipitate is colloidal, but is 
coagulated by hydrogen ion or other positive ions. The 
sulfide is not soluble in concentrated hydrochloric acid. 
The sulfide is acidic in nature and dissolves in excess sulfide 

ion, forming thioarsenite: AS 2 S 3 + 3S = 2 AsS 3 . In 

polysulfide, it is oxidized to thioarsenate : As 2 Ss + 2 S 2 — 
-f- S — = 2 AsS 4 . The yellow trisulfide changes to a red 
form at 170°. The pentasulfide, AS 2 S 6 , is formed by passing 
hydrogen sulfide into an acid solution of an arsenate. It is 
soluble in sulfide ion, forming the thioarsenate: As 2 Ss 
-f- 3S = 2 AsS 4 , and is reprecipitated from this com- 
pound by acid. The sulfide is not very stable and decom- 
poses rather easily into the trisulfide and sulfur. 

The mineral stibnite, Sb 2 S 3 , is black, but the antimony 
trisulfide, precipitated from solutions of the trichloride or 
antimonites, is orange red. It is soluble in concentrated 
hydrochloric acid, but not in dilute. It dissolves in sulfide 
and polysulfide, forming thioantimonites and thioantimo- 
nates, similar to arsenic trisulfide. When the thioantimo- 
nates are acidified, the tetrasulfide and sulfur are precipi- 
tated: 2 SbS 4 — -h 6 H+ = Sb 2 S 4 + S + 3 H 2 S. The 
tetrasulfide forms a mixture of thioantimonite and thioanti- 
monate with excess sulfide ion, and is soluble in concen- 
trated acid. 


§64] 


GROUP V. N, P, As, Sb, Bi 


231 


Black bismuth sesquisulfide is formed by heating to- 
gether the element or by the action of hydrogen sulfide 
upon bismuth salts. It is not soluble in dilute hydrogen ion, 
but is dissolved by hot dilute nitric acid with the oxidation 
of the sulfur. It is not soluble in sulfide or polysulfide. 

63. Metal Compounds. — Phosphides may be prepared 
(1) by heating together phosphorus and the finely divided 
metal or, (2) metal oxide; or by the action of (3) phospho- 
rus, or (4) phosphine upon solutions of metal salts. Ex- 
amples of (1) are Hg3P4, MnP2, SnsP (used in phosphor 
bronze), K2P5, PbPe; (2) Ca3P2; (3) Ag3P, CU3P2 and (4) 
Hg3P4, CU 2 P. 

Arsenic unites with almost all metals at red heat, e.g., 
CoAs 2, FeAs2, Fe4As3, NiAs, MnAs. Antimony forms a 
series of compounds with an apparent oxidation state — 2, 
e.g., CuSb, NiSb, ZnSb, PtSb2: and also compounds of the 
— 3 state, e.g., AgsSb, Mg3Sb2, Cd3Sb2, Fe3Sb2. Bismuth also 
forms a number of metal compounds, e.g., MgsBi, although 
not so many as antimony. 

Analytical 

64. Phosphorus compounds are usually detected and 
determined as phosphate, since nitric acid readily oxidizes 
all of the lower states to this ion. In the absence of heavy 
metals whose phosphates are insoluble in ammonia, the 
phosphates may be precipitated as magnesium ammonium 
phosphate, MgNH4P04, by a solution of magnesiiun chlo- 
ride, ammonium hydroxide, and ammonium chloride. In 
quantitative determinations, this is ignited and weighed as 
Mg2P207. Ordinarily the phosphate is precipitated in dilute 
nitric acid as the ammonium phosphomolybdate: H3PO4 
+ 12(NH4)2Mo04 + 2IHNO3 = (NH3)2P04-12MoOs 
+ 2INH4NO3 + I2H2O. This precipitate is usually not 
weighed as such but is (1) dissolved in ammonium hydroxide 
and the phosphate reprecipitated as MgNH4P04 or (2) 
titrated with standard hydroxide: (NH4)3P04‘12Mo03 
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+ 230 H- = HPO4— + 3NH4+ + I2M0O4-- + IIH2O. 
A colorimetric determination of phosphorate is based upon 
the fact that the M0O3 in the phosphomolybdate is reduced 
to molybdenum blue much more readily than is a solution 
of molybdic acid. The reducing agent employed is benzi- 
dine or stannous chloride. Advantage may be taken of the 
slight solubility of bismuth phosphate, BiP04, to remove 
phosphate from acid solution. This is desirable in qualita- 
tive analysis since the presence of phosphate results in the 
precipitation of many slightly soluble compounds, e.g., 
CaHP04, when NH4OH is added. 

Arsenic, antimony, and bismuth are usually detected by 
precipitation as sulfides in dilute acid solution. The prop- 
erties of these compounds have been discussed, and the sys- 
tematic scheme of separation (Append. VI) should also be 
consulted for the outline of the analysis. Arsenic is some- 
times determined quantitatively as the ammonium ar- 
senomolybdate similar to phosphate given above. It is more 
often determined by the oxidation of arsenite to arsenate in 
the presence of bicarbonate by iodine. Antimony may 
likewise be determined by the oxidation of antimonite to an- 
timonate by iodine in alkaline solution, or better by the 
reduction of antimonic acid by iodide in acid solution. Bis- 
muth may be precipitated and weighed as the oxychloride, 
BiOCl, or precipitated as the hydroxide and weighed as the 
trioxide. 

Small quantities of arsenic and antimony are determined 
by the Marsh test, in which arsine and stibine are formed 
by reduction with zinc in hydrochloric acid, and the mixture 
of the gases with hydrogen passed into silver nitrate solu- 
tion. Any antimony present is precipitated as silver antimo- 
nide, while the arsine is oxidized to arsenious acid. Upon 
filtering, the arsenic is confirmed in the filtrate by repre- 
cipitation as sulfide, while the antimony in the precipitate 
is dissolved in hot concentrated tartaric acid and then repre- 
cipitated as the sulfide. The test for arsenic may be modi- 
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fied by first separating the arsenic from the antimony by 
volatilizing the former as AsCls from a hydrochloric acid 
solution, and then, after reduction with zinc, detecting the 
arsine by placing a strip of paper wet with copper sulfate 
solution in the stream of gas. From the depth of color of 
the copper arsenide formed on the paper, the quantity of 
arsenic may be estimated. The method is capable of de- 
tecting 0.001 milligram of arsenic. 


Chapter XII 


SULFUR, SELENIUM, AND TELLURIUM 

1. The relation of the three elements, sulfur, selenium, 
and tellurium to oxygen has been discussed in Chapter n. 
The outstanding characteristics of these elements is the 
six valence electrons and the tendency to add two more 
electrons to complete the octet. Thus the members of the 
group all form compounds with the electropositive elements, 
in which they exhibit an oxidation state of minus two, and 
with the more electronegative elements compounds in which 
the oxidation state varies from one to six, the most impor- 
tant of these being the -h 4 and the -h 6 states. The ele- 
ments are all solids with relatively low melting points. 
Sulfur is distinctly a non-metal, but selenium and tellurium, 
especially the latter, show certain metallic properties. A 
marked characteristic of the group is the existence of a 
number of allotropic modifications. In addition to these 
three elements, the extremely rare, unstable, and highly 
radioactive element, polonium, belongs to this group. The 
few known facts relating to its chemical behavior are given 
in Chapter XXn. 

2. Occurrence. — The amount of sulfur in the earth’s 
crust is estimated at 0.1 per cent. Most of this occurs 
primarily as iron sulfide, but oxidation has given rise to 
large deposits of sulfate, chiefly of calcium and magnesium. 
The sulfides of all the heavy metals, except gold and plati- 
num, occur as minerals, the most extensive deposits being 
those of iron pyrites, FeS 2 . Free sulfur occurs in numerous 
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TABLE I 


Atomic and Physical Properties 



S 

Se 

Te 

Atomic number 

16 

34 

.52 

Atomic weight 

32.06 

78.96 

127.61 

Isotopes 

32, 33, 34, 36 

74, 76, 77, 78, 80, 

120, 122, 123, 



82 

124, 125, 126, 




128, 130 

Electrons in various quan- 




turn levels, 




1st 

2 

i 2 

2 

2d 

8 

i 8 

8 

3d 

6 

18 

18 

4th 


6 

18 

5th 



6 

Density 

R 2.07 

G4.80 

6.24 


M 1.96 

R 4.50 


Melting point, ° C 

114.5 

217 

450 

Boiling point, ° C 

444.6 

688 

1390 

Size of X in crystals, cm. 




X 108 

1.84 

1.98 

2.21 


deposits, of special importance being those in Louisiana and 
Texas, and in Sicily. 

Selenium and tellurium are much less abundant than 
sulfur, the estimated percentage in the igneous rocks being 
10”® and 10”® respectively. The former occurs in the free 
state in most of the sulfur deposits, as selenides of many of 
the heavy metals, especially copper, silver, and lead; and 
less frequently selenites of copper, lead, cobalt, and other 
metals. Tellurium occurs chiefly as tellurides of copper, 
lead, silver, gold, iron, or bismuth. Tellurites and free 
tellurium are of rare occurrence. 

The Free Elements 

3. Sulfur. — ^Sulfur vapor at the boiling point has a molec- 
ular weight of 230 and is mostly Ss, with some Se and S 2 . 
At 1000° it is largely S 2 and at 2000° is about half dissociated 
into atomic sulfur. This tendency of sulfur to form com- 
plexes is a common characteristic of the group and may be 

attributed to the readiness with which a sulfur atom, S:, 
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will share its electrons with other sulfur atoms in an effort 
to complete the octet. Liquid sulfur contains two molec- 
ular species called Sx. and (probably Sg and Sg), and 
possibly one or two others. The 
structure of Sg is an eight membered 
ring with the S— S— S angle of 105°. 
The Sg is probably irregular chains. 
At 120° the equilibrium liquid con- 
tains 3.6 per cent and at the boil- 
ing point 35 per cent. The heat of 
the transition is 416 calories. Such an 
Fig. 1. Molecule of equilibrium is probably not infre- 
rhombic sulfur, Ss. qugnt in liquids but the unusual fea- 
ture with sulfur is the slowness with which the equilibrium 
state is reached. The time required is still further increased 
by the presence of traces of iodine or sulfuric acid, but is 
decreased by ammonia. Near the melting point sulfur 
is a light yellow mobile liquid; as the temperature is in- 
creased it becomes darker and more viscous with increasing 
content of S^. The viscosity reaches a maximum around 
200°, and falls off rapidly 
as the boiling point is ap- 
proached. 

Solid sulfur exists in two 
crystalline forms, rhombic 
and monoclinic, Fig. 2. 

There have been prepared, 
also, two other monoclinic, 
one triclinic and one rhom- Fig. 2. Crystal forms of sulfur; sul- 
bohedral fonn, but they are monocUnic 

unstable with respect to the ^ 

common forms. There are also a number of amorphous and 
colloidal forms whose characteristics doubtless depend 
chiefly upon the degree of dispersion. Rhombic sulfur is in 
equilibrium with monoclinic at 96° C. The reaction is rather 
slow, however, and by rapidly cooling sulfur, held for some 
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time just above its melting point, the long needle-shaped 
monoclinic crystals may be obtained. At room temperature 
they are transformed into rhombic in about a day. The 
heat of the transition is 70 cal. Rhombic sulfur melts at 
112.8°, in equilibrium with Sx, and at 110.4° to form the 
equilibrium mixture Sx,.. Monoclinic sulfur melts at 119.2° 
to form Sx and 114.5 to form Sv Both forms are soluble in 
CS 2 . At 25° the solubility of the monoclinic is 1.28 times that 
of the rhombic. The molecular form of the solute in both 
cases is Ss. By heating sulfur near its boiling point, and 
suddenly cooling, a very plas- 
tic substance is obtained 
which consists of a mixture 
of rhombic crystals and an 
amorphous form not soluble 
in carbon disulfide. The lat- „ 
ter form is essentially the » 
super-cooled liquid. After i 
some time it becomes very 
hard. The rate of change 
of the amorphous into the 
rhombic form requires years 
at ordinary temperature, but 
is rapid at 90°. There is at Fig. 3. Pressure-temperature dia- 

least one other amorphous gram for suite; diagrammatic as actual 
^ vapor pressures are not known. 

modification, this form being 

soluble in carbon bisulfide. Finely divided sulfur prepared 
by precipitating sulfur from calcium polysulfide by the ad- 
dition of acid is known as milk of sulfur, and finely divided 
sulfur formed by sublimation is known as flowers of sulfur. 

The various forms of sulfur are all non-conductors of 
electricity and are insoluble in water. 

4. The salt domes of Louisiana and Texas have now sup- 
planted the mines of Sicily as the world’s most important 
source of sulfur. These enormous domes consist of a salt 
core covered with a cap of gypsum, dolomite, and limestone 
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in which the sulfur occurs. It is extracted by the ingenious 
Frasch Process. Water heated to about 180° under pressure 
is pumped down bore holes and forced into the deposits; 
the sulfur is liquefied, and when a quantity of it collects at 
the bottom of the cavity it is forced to the surface by an 
air lift and discharged into bins. A small amount of sulfur 
is obtained from the purification of illuminating gas (Par. 
8). The production of sulfur in the United States in 1937 
was 2,740,000 tons. The major portion of this is made into 
sulfuric acid. Smaller amounts are consumed in the vul- 
canization of rubber, in the manufacture of sulfites and 
thiosulfates, in bleaching dried fruit, and for dusting and 
spraying plants. 

Sulfur is both a fairly good reducing agent and oxidizing 
agent. It combines directly -with all of the elements except 
gold, platinum, and the inert gases. 

6. Selenitun. — Selenium vapor at the boiling point con- 
sists of mixtures of Ses — Se 2 . The liquid also doubtless 
contains a number of molecular complexes but the problem 
has not been carefully investigated. The solid exists in 
three crystalline modifications, two of them rather similar 
monoclinic forms, red in color, soluble in carbon disulfide, 
and unstable with respect to the third form, a hexagonal 
rhombohedral structure known as metallic or grey selenium. 
The monoclinic forms are relatively stable below 100° and 
melt somewhat below 200°, the exact temperature being in 
doubt due to their rapid transformation, upon heating, into 
the grey form. The latter form melts at 220° and is insoluble 
in carbon bisulfide. Like sulfur, there is an amorphous 
modification, vitreous and black in color, which may be 
prepared by quickly cooling the liquid. Reduction of selen- 
ates results in the formation of two red modifications, one 
crystalline and the other amorphous. A number of colloidal 
forms of selenium have been prepared. 

The electrical conductivity of the grey form is poor, but 
is greatly increased by light. This property makes selenium 
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useful in the construction of apparatus for the measurement 
of light intensity, as in photometers for measuring the in- 
tensity of radiation coming from the stars, and for the 
automatic turning of lights on and off at night and morning, 
respectively. 

Large quantities of selenium could be recovered from the 
flues of the sulfur burners in sulfuric acid plants, and from 
the anode mud of electrolytic copper refineries. The free 
element has no extensive commercial applications. The 
largest consumption is in the glass works for making ruby 
red glass, and to neutralize the green color of glass, due to 
the presence of ferrous silicate. Some selenium is used 
in place of sulfur in the vulcanizing of certain types of 
rubber goods, and a small amount of selenium is added to 
copper alloys and stainless steel to make them more machin- 
able. 

The reactions of selenium are similar to those of sulfur, 
but the element is both a poorer reducing agent and a 
poorer oxidizing agent than sulfur, cf. Table II and Par. 13. 

6. Tellurium. — ^The vapor of tellurium at the boiling 
point contains a much smaller per cent of the higher molec- 
ular complexes than in the case of sulfur and selenium, 
being mostly Te^. The solid crystallizes in a silver white, 
semi-metallic, rhombohedral form, isomorphic with grey 
selenium, and in a second modification as yet little known. 
It may be precipitated in an amorphous modification by 
reduction and like the other members of the group readily 
forms various colloidal solutions. The amorphous form 
changes to the crystalline extremely slowly at ordinary 
temperatures, but rapidly just below the melting point. 
The metallic modification is insoluble in carbon bisulfide. 
Its density is 6.24. It is the poorest electrical conductor of 
any of the metals, specific resistivity being 2 X 10“^ ohm-cm. 
Tellurium with an atomic number of 52 has a higher atomic 
weight than iodine, atomic number 53. This situation arises 
through a preponderance of the heavier isotopes of tellu- 
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rium. Fairly large quantities of tellurium could be recov- 
ered from a number of metallurgical processes, especially 
the electrolytic copper refineries. Tellurium has been known 
as the useless metal; but its uses appear to be developing 
slowly. Like selenium it imparts free-cutting properties to 
steel. A 0.05 per cent alloy with lead increases the corrosion 
resistance of that metal. 

7. Hydrogen Compounds. — The compounds, H 2 S, H 2 Se, 
H 2 Te, are much less polar liquids than water, as is indicated 
by their lower melting and boiling points. Their stability 
decreases and their power as reducing agents (Table II) 
increases with increasing atomic weight; that is, with in- 
creasing size of the atom, it becomes easier to pull off the 
two extra electrons. Hydrogen selenide and hydrogen 
telluride are endothermic. These compounds all possess 
very disagreeable odors and are extremely toxic. 


TABLE II 

Hydrogen Compounds of Sulfur Group 



HjS 

HaSe 

H^Te 

Melting point, ° C 

- 85.4 

- 64 

- 48 

Boiling point, ® C. C . 


- 41.3 

- 2.2 

Heat of formation 

H 2 -f X = HjS (gas); kcal 

+ 5.3 

- 0.14 

- 18.5 

34 

Reduction potential 

H 2 X (gas) * X + 2H+ + 2e“, in volts. . . 

+ 0.35 

0.69 


8. Hydrogen Sulfide. — Hydrogen sulfide may be formed 
by passing hydrogen into boiling sulfur, but is usually pre- 
pared by the action of acid upon a sulfide, particularly 
ferrous sulfide: FeS -1- 2H+ = Fe++ 4- H 2 S. The gas is 
soluble in water at 20° and 1 atm. to the extent of 290 
volumes per 100 volumes of water. The resulting concen- 
tration is about O.lJkf. In solution, it behaves as an ex- 
tremely weak dibasic acid; the first ionization constant, 
H 2 S = H+ + HS~, is 1.15 X 10“^, and the second ioniza- 
tion constant, HS“ = H+ + S , 1.0 X 10~^®. The soluble 
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sulfides are, accordingly, highly hydrolyzed, O.liV NaaS con- 
taining about O.OSSiV OH“. The acid sulfides or hydro- 
sulfides, such as NaSH, are much less alkaline; O.liV NaSH 
contains O.OOliV OH“. A saturated solution of HaS in the 
presence of IQr^M H"*" has a sulfide ion concentration of 
10-15 Jif, and at O.Slf H+ the sulfide concentration is lO'^lf. 
The concentration of sulfide in likf (NH 4 )aS is 10~®ilf. 

The sulfides of nearly all the metals except those of the 
main groups I, II, and III are insoluble in water. Extensive 
use is made in quantitative analysis of the varying degrees 
of solubility of the sulfides. Due to the weakness of hydro- 
gen sulfide, the solubility of all sulfides is increased in acid. 
However, certain of the sulfides are so extremely insoluble 
that even large concentrations of hydrogen ion do not in- 
crease the solubility sufficiently to dissolve them in appre- 
ciable amounts. In general practice the metal sulfides are 
divided into two groups: (1) those precipitated in 0.3iV H"’* 
by H 2 S, and (2) those not precipitated under these condi- 
tions. For details of the classification and separation, refer- 
ence may be made to the general scheme of analysis, 
Appendix VI (cf. Hildebrand, Prin. of Chem., p. 184). 

Hydrogen sulfide bums in excess of air to form sulfur 
dioxide and water. In a limited amount of air, the free 
element is formed, as the dioxide and hydrogen sulfide react 
according to the equation :2H2S ■+• SO 2 = 3S -t- 2 H 2 O. Ad- 
vantage is taken of the oxidation in a limited quantity of 
air to remove hydrogen sulfide from illuminating gas, where 
it is objectionable because of its odor and the corrosive 
nature of its combustion products, the process being carried 
out by admitting a small amount of oxygen and heating 
the mixture. The sulfur precipitated by the reaction is sold 
as a by-product. 

Hydrogen sulfide tarnishes the surface of even such a 
noble metal as silver: 2Ag -f H 2 S = Ag 2 S + H 2 . The ac- 
tion of hydrogen sulfide here as an oxidizing agent with 
the liberation of hydrogen is, of course, due to the great 
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stability of silver sulfide. The absorption of sulfur by the 
alkaline sulfides is discussed under the polysulfides. 

9. Hydrogen Selenide and Telluride. — ^The direct com- 
bination of hydrogen with selenium and tellurium shows 
less tendency to take place than with sulfur: however, the 
reactions do proceed to some extent at high temperatures. 
The compounds can be prepared, respectively, by the ac- 
tion of acid upon iron selenide or upon magnesium or 
aluminum telluride. They are gases with very disagreeable 
odors, and dissolve in water to form dibasic acids, probably 
slightly stronger than hydrogen sulfide. The selenides and 
tellurides of the heavy non-alkali metals are insoluble in 
water. The combustion reactions of these compounds are 
similar to hydrogen sulfide, but take place with greater 
energy (Table II). Hydrogen telluride decomposes rapidly 
above 0°. 

10. Oxides. — Sulfur forms the oxides S2O3, SO2, SO3, and 
S2O7; selenium only Se02; and tellurium TeO, Te02, and 
TeOs. The slight tendency of selenium to form oxides is 
interesting in connection with the same characteristic of 
bromine, which occupies a position but one atomic number 
higher than selenium (cf. XI — 40). The heat of formation 
of selenium dioxide is also less than either of the others, 
the values in kcals. being: S02(gas) 71, Se02(solid) 57, and 
Te02(solid) 87. 

11. Stilfur Sesquioxide. — Sulfur reacts with concentrated 
sulfuric acid or with the trioxide to form the unstable solid 
sesquioxide, S2O3. It is not an acid anhydride, although its 
oxidation state corresponds to the hyposulfurous acid, 
H2S2O4 ; cf. Par. 24. 

12. Sulfur Dioxide and Sulfurous Acid. — ^Sulfur dioxide 
is a gas condensing to a liquid at — 10°. It is formed by the 
oxidation of sulfur or sulfides, and by the reduction of sul- 
furic acid: S -j- O2 = S02;4FeS2 -f- IIO2 = 2Fe203 -|-8S02j 
2H2SO4 -f- Cu = CUSO4 -f- SO2 + 2H2O. Due to the in- 
stability of sulfurous acid, the gas is liberated by the action 
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of strong acids upon sulfites: NajSOs + H2SO4 = Na2S04 
+ SO2 + H2O. The gas is, however, moderately soluble in 
water, 50 volumes per unit volume of water at 20° and 
1 atmosphere, forming sulfurous acid in solution. In terms 
of the electron structures, this reaction is: 

:0:S;0: + H:0:H = H:0:S:b:H 

: '6 : 

Sulfurous acid is a rather weak dibasic acid, somewhat 
resembling carbonic acid. Its first ionization constant is 
0.012 and the second 1 X 10~^. Sulfurous acid is a fair 
oxidizing agent (Table III). It is unstable with respect to 
the decomposition: 3H2SO3 = 2SO4 + 4H+ + S + H2O; 
0.33 volt. This reaction is slow but takes place under the 
influence of violet light and upon heating. Its most im- 
portant reaction, however, is its oxidation to sulfuric acid 
(Table III). Many of its industrial uses depend upon this 
action as a reducing agent. 

TABLE III 

Oxidation-Reduction Potentials of Sulfurous 
AND Sulfuric Acids 

Volts j,o 


S -f 3HjO = HjSO, -I- 4H+ -f 4e- - 0.45 

HjSO, -P H 2 O = SO 4 -- -I- 4H+ -1- 2e- -0.20 


The alkali sulfites are but slightly hydrolyzed. The sul- 
fites of many of the heavy metals are insoluble. The acid 
sulfites occur in two types, such as NaHSOs and Na2S206, 
the latter being the anhydride of the former: 2HS03~ 
= S2O6 "1“ H2O. 

At 20°, sulfur dioxide may be liquefied by a pressure of 
about 3 atmospheres. Because of its ease of liquefaction 
it is employed in refrigeration processes. The commercial 
product is usually sold as the liquid, in metal cylinders. 
Sulfurous acid has a powerful toxic action upon vegetable 
organisms, and thus finds many applications as a fungicide 
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and as a preservative in the preparation of beverages and 
foods. Sulfurous acid and sulfites are used extensively as 
bleaching agents for silk and woolen textiles, straw hats, 
feathers, and dried fruits. Sulfites have a digesting action 
upon wood, tending to separate the fibers as well as bleach- 
ing them, and their largest use is probably in the pulp and 
paper industry. Sulfur dioxide is also employed in petroleum 
refining. 

13 . Selenium Dioxide and Selenites. — ^The same general 
methods of preparing sulfur dioxide are applicable to se- 
lenium dioxide. This dioxide is a solid which sublimes with- 
out melting. It has a characteristic odor which is described 
as that of “rotten horse-radish.” It dissolves in water to 
form weak selenious acid, H 2 Se 03 . Upon evaporating the 
solution, the free acid separates, and upon further heating, 
decomposes to the oxide. The acid is a much more powerful 
oxidizing agent than sulfurous acid : 

3H2O + Se « KSeOs + 4 H+ -f 4 e- - 0.74 volt 

It thus oxidizes sulfurous acid to sulfuric :2H2S03 -f H2Se03 
= 4 H‘'' + 2SO4 H- Se -h H2O. The selenium first sep- 
arates as a red transparent colloid. When a solution of 
selenious acid is boiled with hydrogen bromide, the volatile 
tetrabromide escapes. Some attempts have been made to 
use the selenites as insecticides in fruit orchards, but they 
are so extremely toxic that they damage the growing plants. 

14 . Tellurium Dioxide and Tellmites. — Tellurium burns 
more readily than does selenium to form the dioxide. The 
dioxide is also formed by the action of other strong oxidizing 
agents upon the metal, and by reduction of tellurates. It 
does not unite readily with water but may be dissolved in 
alkali to form tellurites from which the slightly soluble acid 
may be obtained, upon acidifying, as a white solid. The 
oxide is somewhat soluble in acid, Te02 + H"*" = Te02H‘^, 
iiC = 8.9 X 10 ~®. The acid may also be obtained by the 
oxidation of tellurium by nitric acid. Salts of the “telluryl” 
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radical, TeO"*"*", or even Te 407 '*~‘" are known. With hydro- 
gen iodide the acid forms the slightly soluble iodide, Teh. 
The acid forms a number of acid complexes of the general 
formula, H 2 Te 03 'nTe 02 . The oxide (or acid) is a fair oxi- 
dizing agent but not so strong as selenous acid. 2 H 2 O + Te 
= Te02 + 4H"^ -h 4e“, — 0.53 volt. It is not easily oxi- 
dized to telluric acid. The dioxide forms, upon heating 
with tellurium, the monoxide, TeO. This oxide may also 
be formed by the hydrolysis of the chloride, TeCh. 

16. Sulfur Trioxide and Sulfuric Acid. — ^Sulfur trioxide, 
SO 3 , is a colorless liquid, freezing at 15° and boiling at 46°. 
The solid soon changes from a transparent glassy form to 
the polymer, S 2 O 6 , an opaque mass of needle shaped crystals 
which can be sublimed without melting. The trioxide pos- 
sesses a remarkable affinity for water, forming sulfuric acid: 

:b : H 

: b : S + : O : H = H : 0 : S : O : H 

: b : : b : 

• • • • 

This reaction takes place with a hissing sound resulting 
from the lai^e quantity of heat evolved, 38 kcal. The tri- 
oxide dissolves in concentrated sulfuric acid, forming the 
bi- or pyrosulfuric acid, H 2 S 2 O 7 , called “fuming sulfuric 
acid” or “oleum.” 

16. Contact Process. — ^Sulfur trioxide is formed by the 
action of oxygen (air) or other powerful oxidizing agents 
upon sulfur dioxide. The reaction, SO 2 + IO 2 = SO 3 , has, 
at 25° and partial pressures of 1 atm., a potential of 0.35 
volt. Like many direct oxidations by O 2 , this reaction is 
extremely slow. However, the rate can be increased by 
certain surface catalysts, including ferric oxide, vanadium 
pentoxide, and metallic platinum, the latter two being very 
effective. This catalysis is the basis for the “contact 
process” for the manufacture of sulfuric acid. The effi- 
ciency of platinum as a catalyst increases with temperature, 
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reaching a maximum about 500°, but the per cent of tri- 
oxide formed at equilibrium decreases at high temperature 
(Table IV). 


TABLE IV 

Equilibrium Constants for the Reaction, SO 2 + JOj = SO 3 


t°C 

300 

527 

680 

790 

900 

K 

8 X 103 

28 


1 

0.38 


The reaction is generally carried out between 380 and 450° 
with excess air, under which conditions 97 to 99 per cent 
of the dioxide is converted into trioxide. The efficiency of 
the catalyst depends upon the extent of active surface. 
The platinum is obtained in a finely divided state by heat- 
ing chlorplatinic acid, H 2 PtCl 6 , and is dispersed upon a 
base of asbestos fibers, magnesium sulfate, or silica gel. In 
recent years the cheaper vanadium pentoxide has replaced 
much of the platinum. 

One of the factors in the successful operation of the proc- 
ess is the removal from the sulfur dioxide of all impurities 
which may “poison” the catalyst and render it inactive. 
It is particularly importeint to remove traces of solid sulfur, 
selenium dioxide, mercury, and compounds of phosphorus 
and arsenic. The sulfur trioxide formed by the reaction is 
more readily absorbed from the excess of oxygen by con- 
centrated sulfuric acid than by water. The discovery of 
this curious fact aided materially in the development of 
the process. The explanation appears to be in the forma- 
tion of a fog through the absorption of water vapor by the 
sulfur trioxide when water is used as the absorbing medium. 
The fog particles are small drops of sulfuric acid, and their 
thermal motion, compared with gas molecules, is very slow. 
With concentrated sulfuric acid, no fog is formed, and the 
rapidly moving sulfur trioxide molecules are more readily 
absorbed when the gas is bubbled through the acid. As 
the trioxide dissolves, water is added to keep the acid at 
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any desired concentration, usually at about 98 per cent 
acid. One of the mechanical problems is the temperature 
control. Since the reaction liberates heat, the temperature 
is kept from becoming too high by means of heat inter- 
change between the incoming and outgoing gases. The re- 
action is carried out in cast iron containers, iron being 
insoluble (passive) in concentrated sulfuric acid. 

17. Lead Chamber Process. — Many industries employ 
dilute sulfuric acid of no high degree of purity. It is cheaper 
to make this type of acid by the action of oxygen and steam 
upon sulfur dioxide, using nitric oxide as a catalyst. This 
process is known as the lead chamber process, from the 
large lead-lined reaction chambers employed. The presence 
of steam increases the ease of oxidation of sulfur dioxide, 
SO2 + O2 + H 2 O = H2SO4, 1.1 volts at 25° C., as com- 
pared to 0.35 volt for the oxides. Although the various 
steps involved in the action of the gases with the catalyst 
are apparently quite complicated, the net result is that the 
nitric oxide acts as an oxygen carrier: 

NO -H fOa = NO 2 
NO 2 + SO 2 + H 2 O = NO + H 2 SO 4 

The reaction is carried out in immense lead chambers of 
approximately 200,000 cu. ft. capacity. The sulfuric acid 
condenses and is drained off at the bottom of the chamber. 
The nitrogen dioxide is recovered by passing the gas com- 
ing from the lead chamber through concentrated sulfuric 
acid. The probable reaction is: 2 NO 2 + H2SO4 = S02(OH)- 
(NO2) + HNO3. This reaction is reversed upon dilution; 
the nitric and nitrosyl sulfuric acid, S 02 ( 0 H)(N 02 ), again 
forming sulfuric acid and nitrogen dioxide. Advantage is 
taken of this reversal to restore the oxides of nitrogen to 
the system by diluting the nitrogen containing acid, and 
by passing the sulfur dioxide, which also aids in the reversal 
by removing NO2, through the solution before entering the 
lead chambers. This is carried out in a large tower employ- 
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ing the counter current principle. Thus the nitrogen oxides 
are again restored to the chambers and at the same time 
the chamber acid is concentrated. The ordinary chamber 
acid is about 60 to 70 per cent sulfuric acid and large quan- 
tities are sold at these concentrations. Further concentra- 
tion may be carried out by evaporating in lead pans until 
a concentration of 77 per cent is reached. Below this con- 
centration the lead is not rapidly oxidized because of a 
protective layer of sulfate. Above this concentration, how- 
ever, the sulfate is soluble, and the concentration process 
is usually continued in iron vessels. The use of silica and 
silicon iron containers for the further concentration is be- 
coming more general. 

Formerly a large fraction of the sulfur dioxide consumed 
in the manufacture of sulfuric acid in this country was made 
by roasting iron pyrites, FeSj, but at present the major 
portion is made by burning sulfur. However, two thirds of 
the world’s production of sulfuric acid is still made from 
pyrites. Some sulfur dioxide is utilized from the stacks of 
the copper, zinc, and lead smelters. 

18 . Properties of Sulfuric Acid. — ^The specific gravity of 
sulfuric acid solutions increases rapidly with concentration, 
becoming 1.85 for 100 per cent acid. The pure acid melts 
at 10 . 5 °, but the melting point is greatly lowered by the 
presence of either water or sulfur trioxide. The boiling 
point is 270 ° at 755 mm., but is without special significance 
since the solution loses sulfur trioxide and changes in com- 
position until the constant boiling mixture of 98.3 per cent 
sulfuric acid is reached at 338 °. In addition to the com- 
pounds, SOs-HaO, (H2SO4) and 2S03-H20, (H2S2O7), the 
freezing point curves. Fig. 4 , indicate the hydrates, 
S03’2H20, S03*3H20, and S03*SH20. The great stability 
of these hydrates renders sulfuric acid an excellent dehy- 
drating agent. The concentrated acid will remove water 
from cellulose, (CeHioOs)^, and sugar, C12H22O11, depositing 
carbon; C12H22O11 = 12 C -t- IIH2O. It, however, is not as 
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powerful a dehydrating agent as phosphorus pentoxide, 
since this oxide will liberate sulfur trioxide from sulfuric 
acid: PaOs + H2SO4 = 2 HPO 3 + SO3. The heat of solu- 


tion of sulfuric acid in a 
large amount of water is 19.0 
kcal. Sulfuric acid is dibasic, 
the first ionization is com- 
plete, but the second ioniza- 
tion is somewhat weak, the 
constant being 0.012 at 
25° C. At molal concentra- 
tions the potential of the 
acid as an oxidizing agent 
is not very great (Table III), 
but the energy of concentra- 
tion is so large that the oxi- 
dizing power of the concen- 
trated acid becomes very 
strong, sufficient to dissolve 
copper or silver. 



Fig. 4. The system sulfur 
trioxide and water. 


TABLE V 

Consumption of Sulfuric Acid in U. S. in 1937 
(Tons of 62% Acid) 


Fertilizers 1,940,000 

Metallurgical 1,400,000 

Petroleum 1,200,000 

Chemicals 1,000,000 

Coal products 860,000 

Paints and pigments 525,000 

Rayon and cellulose 375,000 

Explosives 225,000 

Textiles 110,000 


19* Applications of Sulfuric Acid. — ^The annual produc- 
tion of sulfuric acid in the United States is about eight 
million tons of 62 per cent acid. The distribution of this 
acid among the more important consuming industries is 
given in Table V. Sulfuric acid has played a leading role 
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in the industrial development of the past century, due to 
its low cost of production and various useful chemical 
properties. The high boiling point accounts for its use in 
displacing more volatile acids such as hydrochloric, hydro- 
fluoric, and nitric acids from their salts. As a strong acid, 
it is used to convert calcium phosphate to acid phosphate 
for fertilizer, to dissolve base metals and oxides, to clean 
metal surfaces prior to galvanizing and tinning, and to 
neutralize ammonia in its recovery from coke ovens and 
the packing industries. As a dehydrating agent, it plays 
an essential role in the manufacture of explosives, celluloid, 
pyroxaline, varnishes, ether, etc. The nitration process lib- 
erates water which is removed by the sulfuric acid thus 
allowing the reaction to go to completion. Many of its ap- 
plications depend upon the oxidizing power of the concen- 
trated acid, e.g. in removing tars and organic sulfides from 
petroleum. The insolubility of many sulfates is another 
factor of industrial importance, as in the manufacture of 
the important pigment, lithophone, a mixture of barium 
sulfate and zinc sulfide. 

P3^ostilfuric acid, H2S2O7, is used when the acid in its 
most powerful oxidizing and dehydrating form is desired. 
It was employed during the Great War to form “smoke 
screens,” since it forms a very stable mist or fog composed 
of tiny drops of sulfuric acid. 

20. Sulfates. — ^As a dibasic acid, sulfuric acid forms both 
neutral and acid ^Its. The acid salts may be dehydrated 
to form the pyrosulfates: 2NaHS04 = Na2S207 -f H2O. 
The normal salts of the alkali and alkaline earth metals 
and lead do not readily decompose upon heating, but the 
sulfates of the nobler metals evolve sulfur trioxide, or sul- 
fur dioxide and oxygen if the decomposition temperature 
is high. The decomposition of ferric sulfate was once an 
important method of preparing sulfur trioxide and sulfuric 
acid. Sulfates are reduced by heating with carbon to form 
the sulfide: Na2S04 + 2 C — Na2S -f CO2. Barium and 
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lead sulfates are among the more important insoluble 
sulfates (Par. 32), Though insoluble in dilute acids, their 
solubility is increased in concentrated sulfuric acid by the 
slight weakness of the HS 04 ~ ion. Many of the solid sul- 
fates crystallize with an odd number of water molecules, 
e.g., CuS 04 ' 5 H 20 . In this example four water molecules 
are attached to the copper and the fifth is attached to the 

O O— H 

\/ \ 

sulfate by hydrogen bonds, S O. 

/\ / 

0 O— H 

21. Selenic Acid. — Rather powerful oxidizing agents, such 
as PbOa or CI 2 , are required to oxidize selenous to selenic 
acid, even in dilute solution: 

H 2 O -|- H 2 Se 03 = Se 04 -h 4H+ -f 2e~, — 1.15 volts 

Conversely, selenic acid, when concentrated, is a very pow- 
erful oxidizing agent, liberating chlorine from chloride, and 
dissolving gold, but not platinum unless chloride is present. 
The reaction is, however, slow with many reducing agents, 
e.g. H 2 S and SO 2 , but is faster in the presence of chloride. 
The free acid is easily prepared by the action of bromine 
upon silver selenite: AgSeOs -1- H 2 O -f Br 2 = H 2 Se 04 
-f 2AgBr. The pure acid melts at 58° and its concentrated 
solution is thick and sirupy. When dehydrated, it gives 
selenous oxide and oxygen. The solubilities of the selenates 
are similar to the sulfates. The barium salt is easily con- 
fused with barium sulfate. The soluble selenates are, 
however, easily distinguished from sulfates by their higher 
oxidizing power. 

22. Telluritun Trioxide and Telluric Acid. — ^Telluric acid 
forms salts of the types AgsTeOe and Ag 2 Te 04 . The acid, 
HeTeOe, is but sparingly soluble in water, and is but weakly 
acidic. Upon heating, it loses water to form H 2 Te 04 and 
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then TeOs. The trioxide does not react with water. The 
acid is a good oxidizing agent, 

4H2O + TeOaCs) = H6Te06(s) + 2H+ + 2e-, - 1.02 volts 

The ability of tellurium to hold more than the customary 
four oxygen atoms, as is shown in HeTeOe, is interesting 
in connection with the same property of iodine and an- 
timony, which occupy the neighboring position in the 
periodic table. 

23. Other Sulfur Acids. — very large number of com- 
plex acids of sulfur exist. 


: O : : O : 

H :6 :S : S :d :H 
• • 

Hyposulfurous acid 


:0 : 

H : d : S : 6 : H 
” ; S ; “ 

Thiosulfuric acid 


: S : 

H :S :S :S :H 
:S:" 

Hydrogen polysulfide 


: 0 :: 0 : __ 

d:S : S:d; 
•# •• 

: 0 :: 0 : 

• • •« 

Dithionic acid 


:0 

:0: :0 

:0 : 

d:S 

S:S:0:H H;6:S: 

S:S:S :d:H 

" :b 

: :6: :6: 

; :6:“ 


Trithionic acid 


Tetrathionic acid 


: O : : 0 : ; 0 : 

H :0 :S :0 :0 : S :d :H H:b:S:d:6:H 

:d : :d : :d : 

•» 

Peroxydisulfuric acid Peroxymonosulfuric acid 

due to the ability of the sulfur atom to share electrons 
with oxygen and with other sulfur atoms, as is illustrated 
by the structural formulas of a number of these acids given 
above- The behavior of sulfur is somewhat comparable to 
carbon in this tendency to form molecules of high molec- 
ular weight with oxygen and hydrogen. A few of the 
more important acids will be discussed. 

24. H3^osulfurotis Acid. — ^The zinc salt of hyposulfurous 
acid is formed by the reduction of sulfurous acid by zinc: 
2H2SO3 + Zn == ZnS204 + 2H2O. A solution of the sodium 
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salt is prepared commercially from the zinc salt by the 
addition of sodium sulfite, as zinc sulfite is but moderately 
soluble. The salts are also prepared by the cathode reduc- 
tion of bisulfite solution: 2H2SO3 -1- 2e~ = S2O4 — + 2H2O. 
The acid is too unstable to be prepared in the pure state. 
It is a very rapid reducing agent, reducing oxygen almost 
instantaneously, 2H2O + H2S04~ = 2H2SO3 H+ -{- 2e~, 
0.23 volt. The sodium salt is employed commercially for 
the reduction of indigo to indigo white. 

25 . Thiosulfuric Acid. — Sulfites react with sulfur in alka- 
line solution to form thiosulfate: SOs -f S = S2O3 — . The 
free acid is unstable and the reaction is reversed by acid, 
sulfurous acid being formed and the sulfur precipitated. 
The reversal may be brought about even by weak acids: 
thus a sodium thiosulfate solution becomes turbid if ex- 
posed to the action of the carbonic acid of the air. The 
sulfur precipitated is amorphous and at first usually col- 
loidal. The somewhat analogous oxidation of sulfide by 
sulfur in alkaline solution is discussed under the polysulfides. 
The product of that oxidation, SS4 , may be considered 
as the tetrathiosulfate. 

Thiosulfate is oxidized (S2O3 = S4O6 + 2e~, — 0.15 

volt) by iodine, ferric ion, and other moderately strong 
oxidizing agents to the tetrathionate. This extremely im- 
portant reaction with iodine is discussed under that ele- 
ment (cf. X — 21). More powerful oxidizing agents, such 
as chlorine and bromine, oxidizes the thiosulfate to sulfate: 
SH2O + S2OS— + 4CI2 = 2SO4— + SCI- -F 10 H+ Thio- 
sulfate forms complex ions and salts with many of the ions 
of the more noble metals, including Ag"*", Au"*^, Cu"*", 
Hg++, Pb++. Advantage is taken of this property in pho- 
tography in the “fixing bath,” to dissolve out the unchanged 
silver bromide. 

Sodium thiosulfate, Na2S203'5H20, called “hypo” from 
the older name “hyposulfite,” is of considerable commer- 
cial importance. Besides its use in photography, it is em- 
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ployed in the textile and paper industries as an “antichlor” 
to remove the excess chlorine used in bleaching, and in 
certain metallurgical processes. The very unstable sul- 
foxylic acid, H2SO2, has the same oxidation state as the 
average value for the sulfur in thiosulfate and decomposes 
to give the latter. 


2H2SO2 = H2S2O3 + H2O 


26 . Polysulfides. — Soluble sulfides readily dissolve sul- 
fur to form a series of compounds giving the ions, S2 to 
Ss . The alkaline solutions may be evaporated and the 
crystalline salts obtained, but the acids are unstable, form- 
ing hydrogen sulfide and free sulfur. These polysulfides act 
both as reducing and oxidizing agents. An example of the 
latter action is the oxidation of stannous sulfide to thio- 
stannate. Calcium polysulfide, made by dissolving sulfur 
in lime, the product thereby containing some thionic salts, 
is used extensively as an insecticide for vineyards and 
orchards. 

27 . Thionic Acids. — ^The structural formulas of a number 
of acids of the type, H2Sn06, have been indicated above. 
The subscript varies from 2 to 5 . These acids are analogous 
to the peroxyacids. Thus tetrathionic acid may be pre- 
pared by the anodic oxidation of thiosulfate, 2HS20s~ 
= H2S4O6 -+• 2e“, similarly to the preparation of peroxy- 
disulfuric acid, H2S2O8, from sulfuric acid; and the structure 
of the tetrathionate differs from that of persulfate only by 
the substitution of sulfur for the peroxygen. Dithionate 
may be prepared by the anodic oxidation of sulfite, 2SO3 

= S2O6 -f 2 e“. Mixtures of the acids result from the 
interaction of sulfurous and hydrosulfuric acid in solution: 
H2S - 1 - 3SO2 = H2S4O6; 2H2S + 6SO2 = H2S3O6 + HaSA; 
3H2S - 1 - 9SO2 = H2S2O6 + 2H2S6O6. The gases themselves 
react to form sulfur and water. The various acids or salts 
are formed as intermediate products in many oxidation- 
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reduction reactions involving sulfates and sulfites: thus, 
manganese dioxide reacts upon cold sulfurous acid to form 
manganese dithionate : Mn02 + 2H2SO3 = MnS206 + 2H2O. 
The acids are unstable in regard to decompositions giving 
sulfate, sulfite, and sulfur. The tetrathionate is the most 
important of these compounds. Its formation from thio- 
sulfate by the action of iodine and ferric ion has been dis- 
cussed. 

28 - Peroxysulfuric Acid. — ^Two important acids and an 
oxide of sulfur containing peroxyoxygen are known. The 
oxide, S2O7, is formed in small amounts by an electrical dis- 
charge in a mixture of sulfur dioxide and oxygen: 2SO2 
-f 3O2 = 2S2O7. It dissolves in sulfuric acid to form per- 
oxydisulfuric acid, H2S2O8. This acid, usually called per- 
sulfuric acid, may be prepared by the reaction between 
cold concentrated sulfuric acid and concentrated hydrogen 
peroxide: 2H2SO4 -f H2O2 = H2S2O8 + 2H2O, or by the 
electrolysis of cold concentrated sulfuric acid: 2HS04~ 
= H2S2O8 + 2 e~. The sodium salt is prepared commercially 
by the electrolysis of concentrated solution of sodium acid 
sulfate. The sodium peroxydisulfate is but moderately 
soluble and crystallizes out. Peroxydisulfuric acid hydro- 
lyzes in steps forming first the peroxymono-acid called 
“Caro’s acid,” and this hydrolyzes to form sulfuric acid 
and hydrogen peroxide: H2S2O8 + H2O = H2SO4 + H2SO6; 
H2SO6 + H2O = H2SO4 + H2O2. The mono-acid may be 
prepared by the electrolysis of cold moderately concen- 
trated sulfuric acid. Both of the acids evolve oxygen 
readily, but their salts are fairly stable. The sodium per- 
oxydisulfate is of considerable commercial importance as 
an oxidizing agent: 

2SO4 — = S2O8 + 2 e“, — 2.05 volts 

In the presence of Ag+ as a catalyst, manganous ion is 
oxidized to permanganate by the acid. The action of silver 
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as a catalyst appears to involve the formation of AgO"^ 
and Ag++. 

29. Otiher Thio-acids. — Sulfur may be substituted for 
oxygen in a number of acid radicals similar to its substi- 
tution in the sulfate radical, provided the radical is not 
such a powerful oxidizing agent that the sulfur is rapidly 
oxidized to higher valences. For example, compounds are 
prepared in which the oxygen in phosphate is replaced by 
sulfur, forming the series, NaaPOsS to Na 3 PS 4 . The strong 
analogy between sulfur and oxygen is well illustrated by 
the reaction of barium sulfide and carbon disulfide to give 
barium thiocarbonate, BaS + CS 2 = BaCSs, similar to the 
formation of barium carbonate from the two oxides. Men- 
tion should also be made of thiocyanic acid, HSCN, as 
many of the salts of that acid are of considerable importance 

(cf. xm— 26 ). 

30. Sulfur Trioxide-ammonia Derivatives. — ^Sulfur tri- 
oxide and ammonia react to form admidosulfonic acid 
(sulfamic acid), NH2SO3H and amidodisulfonic acid, NH- 
(S 03 H) 2 . The two acids are also formed by heating urea 
with concentrated sulfuric acid. Sulfamic acid is used in 
the manufacture of dyes and cleaning compounds and in 
tanning. Its salts are valuable in flameproofing paper and 
textiles. Sulf amide, S02(NH2)2, is formed by the action 
of ammonia on sulfuryl chloride, SO2CI2. 

31. Other Acids of Selenium and Tellurium. — ^The tend- 
ency to form long chain complicated acids, and the tendency 
to substitute for oxygen, exhibited by sulfur in the thio- 
acids, decrease with the heavier elements in the group. 
Both selenium and tellurium form salts of polyhydro acids, 
e.g. NaSe 2 , NaTe 3 . Selenium forms an unstable peroxy- 
acid but tellurium does not. Seleni um substitutes for oxy- 
gen in a number of acids and in many organic compounds, 
e.g., NaSeCN, sodium selenocyanate. 

32. Halogen Compotmds. — ^The halogens combine with 
the elements sulfur, selenium, and tellurium to form nu- 
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merous compounds. These, together with a number of oxy- 
chlorides, compounds containing chlorine with oxygen and 
hydrogen, have been tabulated below: 


s 

Se 

Te 

SF, SF, SF, SsFs S 2 F 10 

SeFc SeF4 

TeFe TeF4 

SCL SCls SaCla 

SeCi4 Se2Cl2 

TeCU TeCls 

SjBrs 

SeBr4 Se2Br2 

TeBr4 TeBra 


Sel4 Se2l2 

Tel4 Telj 

SOaCla SOClj 

SeOCla 

TeOCla 

HSO,Cl 

H2Se02Cl2 

HaTeOaCls 

SsOsCla 

SeOBr2 

HsTeCle 


In general, the halogen compounds hydrolyze with water 
to form the hydrogen halide and the acid of the positive 
element. The latter may, however, be unstable in respect 
to decomposition into compounds of higher and lower 
oxidation states. 

The most important of these compounds is sulfur mono- 
chloride, S 2 CI 2 . This is formed by the direct action of 
chlorine upon hot sulfur. It is a reddish yellow liquid and 
an excellent solvent for sulfur. For this reason, it is used 
in vulcanizing rubber. It is hydrolyzed by water: 2 S 2 CI 2 
+ 2 H 2 O = SO 2 -t- 4HC1 -t- 3S. The other two chlorides 
may be formed by the action of chlorine upon cold mono- 
chloride, but are decomposed by gentle heating. 

Sulfur dioxide reacts with chlorine, forming sulfuryl 
chloride, SO2CI2. Thionyl chloride, SOCI2, results from the 
reduction of phosphorus pentachloride by sulfur dioxide: 
PCI5 + SO2 = SOCI2 -i- POCI3. Chlorosulfuricacid,HS 03 - 
Cl, is formed by the direct union of sulfur trioxide and 
hydrogen chloride. Pyrosulfuryl chloride, S 2 O 6 CI 2 , is formed 
by the direct union of sulfur trioxide and sulfuryl chloride. 

33. Selenium and Tellurium with Sulfur. — ^There appear 
to be no compounds containing selenium and sulfur only, 
and the two elements form several series of mixed crystals. 
The precipitate obtained by passing hydrogen sulfide into 
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tellurous acid appears to be a mixture of the free elements 
and the sulfide TeS 2 . 

Concentrated sulfuric acid dissolves both selenium and 
tellurium with the formation of the compounds, SeSOs and 
TeSOs, respectively, analogous to S2O3 (Par. 11). 

Selenium may be substituted for sulfur in certain of the 
complex sulfur acids, e.g. seleno sulfuric acid, H 2 SSe 03 . 

34. Analytical. — Sulfur. The free element may be recog- 
nized by the pungent odor of sulfur dioxide upon burning ; or 
by dissolving in hot alkali solution and placing a drop of the 
solution on a silver coin, a black stain, Ag 2 S, indicating the 
presence of sulfur. Sulfides are detected by the liberation 
of hydrogen sulfide by dilute acids, which may be recognized 
by its odor, or by its reaction with moist lead acetate paper. 
Sulfates are detected by the precipitation of barium sulfate, 
which is not soluble in dilute acids. Since sulfur in the lower 
valences is readily oxidized to sulfate, this also constitutes 
a general method for the detection and estimation of sulfur. 
Thus in quantitative analysis, sulfur is usually precipitated 
and weighed as barium sulfate. Due to the occlusion of 
soluble salts by the barium sulfate, it is difficult to obtain 
the precipitate pure. This error is decreased by precipitat- 
ing from a laige volume, since the occlusion is proportional 
to the concentration of the soluble salts, and also by digest- 
ing the precipitate for some time, which allows the more 
soluble small crystals to dissolve and slowly recrystallize 
out on the larger ciystals. If precipitated from cold con- 
centrated solution, barium sulfate is so finely dispersed that 
it cannot be retained by ordinary filter paper. 

Selenium. The free element dissolves in concentrated 
sulfuric acid to form a green solution, SeSOs. In the ordi- 
nary scheme of analyses, selenates are precipitated by hy- 
drogen sulfide as elementary selenium, which is soluble in 
ammonium polysulfide. Red selenium is precipitated from 
cool selenous acid solution by strong reducing agents, 
hydroxylamine hydrochloride, NH2OHHCI, being often 
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employed. The precipitate turns black upon heating. A 
separation of selenium, arsenic, and germanium from the 
other elements may be made by distilling the material in 
solution with HBr and Br2. The distillate consists of SeBr4, 
H3ASO4, and GeBr4. 

In quantitative analysis, the selenium may be precipi- 
tated and weighed as the element, or determined volu- 
metrically with oxidi2ing or reducing agents through the 
selenous-selenic acid couple. 

Tellurium. Tellurium resembles selenium in its precipita- 
tion with hydrogen sulfide. The two elements may be 
separated by the hydrogen bromide treatment (cf. above) 
or by the reactions of the tetravalent acids with iodide in 
dilute acid, selenium precipitating as the red element, and 
tellurium forming a black precipitate, Tel4, soluble in ex- 
cess iodide to give a red solution of Tele . Tellurium may 
be weighed quantitatively as the metal or the dioxide. 
Tellurous acid may be oxidized by permanganate quantita- 
tively to telluric acid. 



Chapter XIII 


CARBON 

1. Several hundred thousand compounds of carbon are 
known, and the properties and reactions of these compounds 
constitute such a large portion of chemical knowledge that 
the whole of the science is now generally considered in 
respect to two great subdivisions, organic chemistry dealing 
with the carbon compounds, and inorganic chemistry deal- 
ing with the compounds of all the other elements. 

It was once felt that the structure of the carbon com- 
pounds differed in some fundamental respect from that of 
the compounds of other elements, but it is now realized 
that their constitution can be correlated with the structure 
of the carbon atom and with the same general principles of 
compound formation which have been discussed in connec- 
tion with the other periodic groups. This chapter Avill deal 
briefly with the structure of organic compounds in general 
and with the properties of the oxides and simpler carbon 
compounds. The relation of carbon to the other members 
of Group IV will be considered in the two subsequent 
chapters. 

2. Structure of Carbon Compounds. — Carbon forms com- 
pounds in which the oxidation state varies from — 4 to 
+ 4. However, the assignment of oxidation states in most 
of its compounds is so arbitrary as to be of little significance, 
that is, although we know the totsil number of valence 
electrons in the molecule, we are unable to say that a 
given number of electrons are definitely associated with a 
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certain atom. The carbon atom, having four electrons, 
occupies a position intermediate to the elements which, 
on one side, lose their electrons to form positive ions, and 
on the other side add electrons to complete the octet and 
thus form negative ions. As a consequence of this position, 
it forms compounds in which it appears to complete the 
octet by sharing its electrons with other atoms. In terms 
of the idea that the pair of electrons constitutes a chemical 
bond, the behavior of carbon may be summarized by the 
statement: carbon tends to form compoimds in which it 
shares four pairs of electrons with the surrounding atoms. 
The four bonds are arranged in tetrahedral symmetry, the 
carbon atom being at the center and the four attached 
atoms at the comers of the tetrahedron. As an illustration 
of this statement and of the non-polar character of the 
bonds, the electron formulas of the simple carbon, hydro- 
gen, chlorine compounds are given below (cf. also Hilde- 
brand, Prin. of Chem., p. 279). 


Oxidation 

State: 




- 4 

- 2 

0 

+ 2 

+ 4 

H 

H 

:C1 : 

:C1 : 

: Cl ; 

H :C :H 

H : C : ci : 

H * C * Cl * 

H : C ; Cl : 

: ci : C : 

H 

H 

ii 

: Cl : " 

“ : ci ; 


This idea of the four bonds of carbon has been of the 
greatest importance in the development of organic chem- 
istry, and it is customary to represent these bonds by lines, 
e.g., 

H 

I 

H— C— H 
H 

If one of the attached atoms is divalent, this is represented 



S62 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. XIII 


by drawing two bonds to it, e.g., 

H 

I 

H— C=0 

All of the carbon bonds are non-polar in nature, and in 
general the bond energies are so large that dissociation 
into ions does not take place. The most important conse- 
quence of the non-polar bonds is the formation of long 
chain carbon molecules, e.g., 

H H H H 

H— C— C— C— (i— H 

H H H H 

and of complicated compounds of very high molecular 
weight containing hundreds of atoms. Such compounds 
constitute plant and animal tissues; from which fact, the 
term organic chemistry has arisen. 

Several types of compounds are formed in which the con- 
cept of the four bonds can only be kept by placing two or 
more of them between adjacent carbon atoms, e.g., 

H H 

H— C=C— H and h— C=C— H 

Such compounds are called ' ‘unsaturated.” In terms of the 
“electron pairs” such compounds would be written as 

H H 

H : C : : C : H and H : C : ; C : H 

The tetrahedral picture postulates that, in the single 
bond two tetrahedra are attached by a corner, in the double 
bond by an edge and in the triple bond by a face. Bond 
angles have been determined for a number of unsaturated 
molecules and in most cases, the values are in approximate 
agreement with the tetrahedral structure. 
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The electron formulas preserve the idea that carbon 
always has four bonds, but other electron arrangements 
must at least be considered as possible, e.g., 

H H H 

H : C : C : H and C : C 

H 

It will be observed that the fundamental difference between 
saturated and unsaturated carbon compounds is that the 
latter lack sufficient electrons to complete all of the octets, 
and there doubtless is resonance between the various elec- 
tron structures so that no one formula can be written which 
completely represents the state of the molecule. In car- 
bonates, such as calcium carbonate, CaCOs, the solid is 
built up of a lattice of calcium and carbonate ions, and the 
carbonate ion has the three oxygen atoms arranged sym- 
metrically about the carbon in the same plane: 

:6 : 

:0 :C * 

:0 : 

This is a definite example of a compound in which the 
carbon atom does not have tetrahedral symmetry and the 
idea of the four bonds can only be preserved by assuming a 
double bond between one oxygen and the carbon, and in 
order to give the observed triangular symmetry this double 
bond must resonate around the molecule. 

3. Occurrence of Carbon, — Carbon occurs free in the 
crystalline forms of diamond and graphite. Coal is largely 
amorphous carbon, although it contains many complex 
compounds of carbon with hydrogen, as well as with oxygen 
and nitrogen. Methane, CH 4 , is the principal constituent 
of natural gas; and heavier hydrocarbons constitute the 
mineral oils. The element is found most abundantly in the 
form of metal carbonates, limestone, or calcium carbonate, 
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constituting one of the most common minerals. The occur- 
rence of carbon in all animal and plant tissue has been 
mentioned. 

4. Elementary Carbon. — Many of the physical proper- 
ties of diamond and graphite may be correlated with their 
crystal structures. The diamond crystal is cubic and each 
carbon atom is surrounded by four other atoms located at 
the comers of a regular tetrahedron (Append. V). The four 
carbon valences are thus satisfied by carbon atoms, and 
the crystal is held together by bonds which are essentially 
the same as in the carbon compounds. As a result, dia- 
mond is the hardest known substance, and its melting 
point is probably higher than that of any other element. 
All of the electrons are doubtless held in the bonds be- 
tween the atoms, and the crystal is, therefore, a non- 
conductor of electricity. Diamond has a very high index 
of refraction, 2.42; and this gives the cut gems a high 
brilliance, as most of the light falling upon them is totally 
reflected from the interior surfaces. 

Graphite possesses hexagonal symmetry, and crystal 
structure data indicate planes of carbon atoms in hexag- 
onal rings. Graphite is 
remarkably soft, and the 
crystal readily splits off 
thin flakes. The cleavage 
planes doubtless are iden- 
tical with the planes of the 

carbon atoms of the crys- 

Fig. 1. Crystal structure of graphite. Graphite is an elec- 

trical conductor, although only one thousandth as good as 
copper. This fact is in harmony with the crystal structure 
in that not all of the carbon bonds are satisfied, and some 
of the electrons are thus free to move through the crystal. 

All forms of carbon are somewhat volatile at 3500°, and 
the vapor, upon condensing, forms graphite. Although the 
experimental data are somewhat uncertain, the most re- 




§ 4 ] 


CARBON 


265 


liable heats of combustion lead to the value: Cjj = Cq 
+ 220 cal. ; and it may be calculated from this value that 
diamond at one atmosphere pressure is unstable at all 
temperatures in respect to graphite. However, diamond 
is denser than graphite and under 8000 atmospheres at 25° 
it would become the stable form. Experimentally, it is 
possible to convert diamond into graphite by heating. 
Moissan prepared small diamonds by quenching solutions 
of carbon in molten metals. The contraction of the outer 
surface of the metal produces great pressure on the interior, 
thus favoring the formation of the diamond. Naturally 
occurring diamonds are thought to have been crystallized 
from solutions of molten magnesium silicates under con- 
ditions of great pressure. 

The so-called “amorphous carbon,” such as charcoal, 
appears upon examination by X-rays to resemble graphite 
in structure, except that it is highly porous or cellular. 
Upon oxidation by hot nitric acid and potassium chlorate, 
both charcoal and graphite yield mellitic acid, C 6 (C 02 H) 6 , 
a derivative of benzene, thus indicating the ring structure 
of the carbon in these substances (Par. 16). Charcoal 
possesses the property of absorbing gas, and, when cooled 
in liquid air, will absorb air from a sealed tube to produce 
a vacuum of 10~* mm., or better. Highly active charcoal 
is used in gas masks for the absorption of poison vapors. 
The activation is carried out by heating for long periods in 
steam, which serves to remove adsorbed hydrocarbons from 
the surface. One cc. of active charcoal is said to have a 
surface of about 1,000 square meters. Bone charcoal is 
used in sugar refining to absorb coloring matter present in 
the crude sugar. Other amorphous forms of carbon are 
lamp black and carbon black. The former is made by the 
incomplete combustion of hydrocarbon oils and the latter 
by impinging the flame of natural gas upon a metal surface. 
Both are used as pigments in ink, but the carbon black is 
now far more important. Its largest use is in compounding 
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rubber for automobile tires. In 1937 over three hundred 
billion cubic feet of natural gas was consumed in the United 
States in the production of half a billion pounds of carbon 
black. 

Graphite has long been used for the manufacture of 
lead pencils. It is obtained from mines in Ceylon and 
Madagascar, and is now made in large quantities at Niagara 
Falls by heating anthracite coal in an electric furnace. 
Because of its infusibility, it is used in making crucibles for 
use at high temperatures. The presence of a small portion 
of clay greatly increases its resistance to oxidation. Because 
of its high melting point, graphite is extensively used for 
electrodes in electric furnaces. Graphite, or gas carbon, 
is also used in arc lamp electrodes, cerium fluoride being 
often added to provide a metal vapor which increases the 
brilliance of the arc and also reduces its resistance. Ground 
in oil or water with tannin or other suspending agent, graph- 
ite forms a stable suspension, which is used in lubricating 
bearings. Graphite is also employed extensively in pro- 
tecting metal surfaces from oxidation, e.g. in stove polish. 

Liquid potassium is absorbed by graphite. The alkali 
atoms apparently enter the crystal between the planes of 
carbon atoms. Two definite compounds, CeK and CwK, 
are formed. Powerful oxidizing agents form so-called 
graphitic oxide. Here again the oxygen atoms enter the 
crystal between the carbon planes. The composition of the 
product varies from a ratio of oxygen to carbon of 1 to 
2.9-3.S. In a similar manner HS 04 ~ groups enter the 
crystal when graphite is treated with sulfurous acid in the 
presence of a strong oxidizing agent. The product is known 
as blue graphite, and when treated with water, graphite 
is again formed. A technical process for the purification 
of graphite is based on this fact. Fluorine also enters the 
graphite crystal, forming the explosive carbon monofiuor- 
ide. As in the other absorption reactions the process re- 
sults in a considerable increase in the volume of the crystal. 
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TABLE I 

Atomic and Physical Properties of Carbon 


Atomic weight 

12.010 

Ionization potential 

in volts, 

Atomic number 

6 

1st electron. . . 

11.2 

Istopes 

, . 12,13 

2d electron . . , 

24.3 

Electrons in various 

quan- 

3d electron . . . 

47.6 

turn levels, 1st 

. . . 2 

4th electron . . 

64.2 

2d 

. ... 4 

Melting point, ® C. . . 

G 3500 

Density 

. . D 3.51 

Boiling point, ° C. , . . 

4830 


G 2.25 

Electrical resistivity. 




ohm-cm 

..D 5 X 10“ 




G 1.4 X 10-» 


Oxides and Acids 

6. Carbon forms the monoxide, CO, which is the anhy- 
dride of carbonous or formic acid, HCO 2 H, and the dioxide, 
CO 2 , which is the anhydride of carbonic acid, H 2 CO 3 . In 
addition, several anhydrides of more complicated organic 
acids are known: e.g. carbon suboxide, C 8 O 2 , the anhydride 
of malonic acid, CH 2 (COOH) 2 . 

TABLE II 

Properties of Carbon Monoxide and Nitrogen 



CO 

Na 


CO 

Ns 

Melting point 

BBIRS9 

- 210° 

Critical temperature . 
Critical pressure, atm. 
Critical volume, cc. . . 

- 140° 

- 146° 

Boiling point 

- 190° 

- 196° 

36 

35 

Density of liquid . . . 

0.793 

0.796 

5.05 

5,17 


Carbon monoxide is remarkably similar to nitrogen in 

physical properties (Table II). The two gases have the 

same molecular weight and also the same number (10) of 

valence electrons. It seems probable from the similarity 

in properties that the arrangement of the electrons in both 

molecules may be the same. Probably no single electron 

structure should be written but rather a number of struc- 

• « * • 

tures such as, : C : : : O : or : C : : O : or : C : O : with 
resonance between them. 

Carbon monoxide is but slightly soluble in water, 3 cc. per 
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100 cc. of water at 8 °. It is more soluble in alkalies, giving 
formates: CO + NaOH = HCOONa. The gas is readily 
prepared in the laboratory by the action of sulfuric acid on 
formic or oxalic acid, or ferrocyanide: ( 1 ) HCOOH = CO 
+ H2O, ( 2 ) H2C2O4 = CO + CO2 + H2O, ( 3 ) K4Fe(CN)8 
+ 6H2SO4 + 6H2O = 6CO + 2K2SO4 + 3(NH4)2S04 
+ FeS04. The formation from reactions involving carbon, 
oxygen, and water is discussed in later paragraphs. 

Carbon monoxide reacts with many metals, forming car- 
bonyls, e.g., Fe(CO) 6 , K 6 (CO) 6 , Ni(CO) 4 , Co2(CO)8, Cr(CO) 6 , 
W(CO) 6 , Ru(CO)5, Mo(CO) 6 . The nickel compound is of 
especial importance (cf. XIX — 20). Iron and cobalt form 
the unusual carbonyl hydrides Fe(CO)4H2 (cf. XIX — 16) 
and Co(CO) 4H. The so-called potassium carbonyl appears 
to be a derivative of hexahydroxy benzene, C 6 (OK) 6 . The 
oxide enters into a number of “coordination complex ions” 
such as K3Fe(CN)6CO ; and the gas is absorbed by both acid 
and ammonical solutions of cuprous chloride with the for- 
mation of rather unstable complexes, possibly Cu(CO)Cl2“, 
and Cu(CO)NH3+. Such solutions are employed in gas 
analysis in the estimation of carbon monoxide, although 
small amounts of the gas are more accurately determined 
by passing the gas over hot ( 160 °) iodine pentoxide: SCO 
+ IzOe = 5CO2 -f- 12 . The iodine is absorbed in iodide 
solution and titrated with thiosulfate. 

Carbon monoxide unites directly with chlorine in the 
sunlight, or in the presence of active charcoal as a catalyst 
to form phosgene, carbonyl chloride, COCI2. The reaction 
is highly exothermic, and is, therefore, favored by low 
temperatures (below 350 °). 

Carbon monoxide is extremely poisonous. Air contain- 
ing 1 part in 500 will cause unconsciousness in about an 
hour; and 1 part in 100 will cause death in a few minutes. 
The physiological action is due to the formation of a bright 
red compound with the haemoglobin of the blood. Gas 
masks to protect against carbon monoxide contain a mix- 
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ture of manganese and copper oxides known as “hopcalite,” 
which acts as a catalyst for the oxidation of the gas to 
carbon dioxide. 

6. Equilibria Involving Carbon Monoxide and Dioxide. 

— ^Around 500° C., carbon (in excess), in an atmosphere of 
oxygen, gives almost completely carbon dioxide: C + O2 
= CO2 (1), but at 1000°, the reaction (with excess carbon) 
gives almost pure carbon monoxide: 2C + O2 = 2CO (2). 
It follows that in the equilibrium: C + CO2 = 2CO (3), 
high temperature favors the formation of the lower oxide. 
Data on the equilibrium are given in Table III. 


TABLE III 
C(graph) + CO 2 = 2CO 


c 



800 

1000 

1200 

Per cent CO 2 • 

1 95 


{■■I 

0.6 

0.06 


At low temperatures, carbon monoxide is unstable with 
respect to the decomposition (3) above, but the rate of 
decomposition is extremely slow; however, around 300° 
platinum or nickel act as efficient catalysts. 

With excess oxygen, both carbon and carbon monoxide 
are oxidized to the dioxide: 2CO +62= 2CO2 (4). Only 
at extremely high temperatures is reaction (4) reversed and 
carbon dioxide dissociated (Table IV). The union of 
carbon monoxide and oxygen is slow at low temperatures, 
and even at high temperatures, if the gases are perfectly 
dry. Water, therefore, appears to act as a catalyst. 


TABLE IV 
COs - CO + IO 2 


t° c 

1122 

1550 

2000 

2600 


Per cent CO 2 dissociated 

0.01 

0.4 

2 

50 


The equilibrium: C + H20(g) = CO + H2 (5) is very 
important in the manufacture of artificial fuel gas (see 
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below). At 25°, the equilibrium constant is about 10~“, 
but at 600° it is about 1 ; hence there is a rapid change in 
the direction of the reaction with temperature. 

Below 500°, steam will oxidize carbon monoxide: CO 
+ H20(g) = CO 2 + H 2 (6). This reaction is utilized in 
the preparation of commercial hydrogen from water gas 
(Par. 7). Data on the equilibrium are given in Table V. 


TABLE V 

CO + HjO{,) = CO2 + Hi 




400 

500 

600 

800 

1000 

Per cent CO converted 


86 


mm 

38 


Reactions between carbon monoxide and hydrogen to 
form hydrocarbons and alcohols are discussed in Para- 
graph 37. 

The frequent mention of carbon monoxide in metallur- 
gical processes arises through its powerful reducing power, 
which enables it to remove oxygen from metal oxides: e.g., 
CuO -b CO = CO 2 + Cu (7). The more noble the metal, 
the greater the tendency for reaction (7) to take place. 
In certain cases, the reaction is complicated by the forma- 
tion of carbides. 

7. Carbon Monoxide Fuels. — Carbon monoxide is an 
important constituent of several artificial fuels. When a 
limited supply of air is passed through coke or anthracite 
coal, the resulting mixture is known as producer gas, and 
contains carbon monoxide (30 to 40 per cent), nitrogen (60 
per cent), and hydrogen (2 to 5 per cent). A gas of some- 
what similar composition, called blast furnace gas, is a 
product of iron smelting. The most important artificial 
gas, however, is water gas, made by passing steam over 
hot coal. The reaction is endothermic (see reaction (5) 
above) and in order to maintain the required temperature 
(around 600°), it is necessary to turn off the steam every 
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few minutes and blow air in for a brief period. The result- 
ant mixture of gases consists of carbon monoxide (40 to 
50 per cent), hydrogen (45 to 50 per cent), carbon dioxide 
(3 to 7 per cent), and nitrogen (4 to 5 per cent). In certain 
localities where crude oil is cheap and coal expensive, oil- 
water gas, for cooking and heating, is made by spraying 
crude oil and steam upon heated bricks. The heavy hydro- 
carbons are “cracked” by the heat into carbon and lighter 
gases, such as CH 4 and CaHg; the former reacts with the 
steam to form carbon monoxide and hydrogen. 

8 . Formic or Carbonous Acid. — Carbon monoxide reacts 
with alkalies, producing formates, but does not react with 
water at ordinary temperatures. However, the equilibrium : 
CO -f H 2 O = HCO 2 H is attainable at 150° in the presence 
of hydrogen chloride with the system under pressure; and 
from measurements of this equilibrium, it may be calcu- 
lated that formic acid is stable at room temperature with 
respect to carbon monoxide at one atmosphere. Sulfuric 
acid readily removes the water from formic acid and evolves 
carbon monoxide. 

Formic acid has the formula, 

H— C— OH and not H— O— C— O— H 

O 

In this respect, it is similar to the acids of phosphorus. 
The acid is monobasic, and the dissociation constant is 
1.8 X 10“^. The acid has a pungent, irritating odor, and 
blisters the skin like a nettle sting. All of the formates 
are soluble, but the silver and lead salts only moderately. 

9. Carbon Dioxide. — ^The product of the oxidation of 
carbon, free or combined, with excess of oxygen is the 
dioxide, CO 2 . This oxide is also formed by the action of 
acids upon carbonates: CaCOs -I- H 2 SO 4 = CaS 04 + H 2 O 
+ CO 2 ; or by the thermal decomposition of carbonates or 
bicarbonates: MgCOa = MgO -f- CO 2 . An important com- 
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mercial source of the oxide is the alcoholic fermentation of 
sugars: CeHnOe = 2 C 2 H 5 OH + 2 CO 2 . 

Carbon dioxide occurs in the atmosphere in amounts 
varying from 3 parts in 10,000 in the country, to 1 part in 
100 in crowded and poorly ventilated rooms. It also occurs 
in effervescent mineral waters, and issues from the ground 
in large quantities in certain localities, as the Valley of 
Death, in Java. 

Solid carbon dioxide has a vapor pressure of 1 atmosphere 
at — 78.5°, and therefore sublimes at that temperature. 

If heated under pressure, it 
melts at — 56° (5.3 atm.). 
The critical temperature of 
the liquid is 31.35°, the 
critical pressure, 73 atmos- 
pheres. The vapor pres- 
sure at 20° is 59 atmos- 
pheres. The oxide is 
usually handled commer- 
cially as the liquid in steel 
cylinders. If the liquid is 
allowed to flow from the 
cylinder into a heavy cloth 
„ - _ , ( r-r, bag, the heat of vaponza- 

tion IS sufficient to cool a 
large fraction of the oxide to the solid state, forming carbon 
dioxide snow. A solution of the solid in acetone under re- 
duced pressure may be employed to obtain temperatures 
around — 110 °. 


The solubility of carbon dioxide in water at 1 atm. 
pressure and various temperatures is : 


fC 


25 

40 



g. CO 2 per 100 g. H 2 O 

0,355 

0.145 


0.058 


Up to about 5 atmospheres, the solubility is nearly propor- 
tional to the pressure, following Henry’s law, but above that 
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pressure the solubility becomes greater due to the forma- 
tion of carbonic acid. Soda water contains carbon dioxide 
under a pressure of 3 to 4 atmospheres. The rate of the 
reaction, CO 2 -f H 2 O = H 2 CO 3 is fairly slow. 

The electron structure is generally written as 

: O ; : C : : O : but there probably is resonance with other 
• • * * 

structures, e.g., : O : C : : O: 

Carbon dioxide is not poisonous; its harmful effects are 
due rather to suffocation through lack of oxygen. Air con- 
taining 2 to 3 per cent of the gas may be breathed without 
apparent ill effect, but above 5 per cent panting is produced ; 
and 50 per cent carbon dioxide can be tolerated only for a 
short time. The high humidity of badly ventilated rooms 
is probably more harmful than the carbon dioxide con- 
tent. 

The principal use of carbon dioxide is in the preparation 
of carbonated beverages. Liquid carbon dioxide is used in 
refrigeration cycles; the solid is used in cold storage, in 
place of ice, especially in shipping fruit, as the gas liberated 
tends to prevent the development of aerobic bacteria. The 
gas is employed in the manufacture of certain carbonates, 
including the sodium carbonates and white lead. Carbon 
dioxide is generated in the soda-sulfuric acid type of fire 
extinguisher. In other types of extinguisher liquid carbon 
dioxide under pressure is employed. A few per cent of 
carbon dioxide in air will render it a non-supporter of 
combustion of most carbonaceous material. A highly elec- 
tropositive element like magnesium will continue to bum 
in pure carbon dioxide. 

Carbon dioxide is absorbed from the atmosphere by 
plants, and is the source of the cellulose in plant tissue: 
6 CO 2 -t- SH 2 O = CeHioOs + 6 O 2 . This reaction (or related 
reactions) requires the absorption of energy; this is supplied 
by sunlight through the agency of the chlorophyll. The 
mechanism of the reaction is much more complicated than 
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the overall equation indicates. Some carbon dioxide is ab- 
sorbed in the dark but the regeneration of the active ab- 
sorbing agent requires light. It is this absorption of radia- 
tion by plants, that renders the sun’s energy available to 
us through the use of plants as food, and of plant prod- 
ucts, wood, coal, etc., as fuel. The decomposition of 
plant tissue, of course, returns carbon dioxide to the 
atmosphere, and this continuous absorption and evolution 
of carbon dioxide by plants is sometimes referred to as the 
carbon cycle. 

10. Carbonic Acid. — The structure of carbonic acid has 
been discussed (Par. 2). The acid is known only in solu- 
tion, in which it doubtless exists as the meta- rather than 
the ortho-form. At 1 atmosphere of CO2 and 25° C., a 
water solution contains 0.0338if H2CO3. The acid is weak, 
the dissociation constants being, respectively: Ki = 4.3 
X 10~'^, and i ?2 = 4.7 X 10““. A saturated solution (1 
atm.) thus contains H+. There is considerable 

evidence that only part of the CO 2 in a saturated solu- 
tion is in the form of the acid, H2CO3. This would make 
actual value for Kx somewhat larger than the value given 
above. 

Due to the weakness of carbonic acid, solutions of the 
normal carbonates are alkaline from hydrolysis: CO3 
-h H 2 O = HCOs" -f- OH“. The concentration of OH“ in 
O.Slf Na 2 C 03 is about O.OlAf. Bicarbonate ion can either 
hydrolyze. 


HCO3- + H2O = H2CO3 + OH-, 

or it can ionize further. 


HCO3- = CO3— + H+. 

The former reaction proceeds farther than the latter, as is 
shown by the faintly alkaline character of bicarbonate solu- 
tions; the concentration of OH“ in a molal solution is 
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about 2 X 10“®. However, the two reactions tend to assist 
each other, due to the neutralization of H+ and OH“ ; each 
goes farther than it would in the absence of the other, 
giving as the result the summation in the reaction, 

2 HCO 3 - = H2CO3 + C 03 ~ 

The equilibrium constant for this very important reaction 
is 1.1 X 10"^, corresponding to about 0.01il<f CO 3 and 
O.Ollf H2CO3 in M NaHCOs. Because of this equilibrium, 
carbonates are readily converted to bicarbonate by passing 
carbon dioxide into their solutions ; or, if they are but slightly 
soluble, into a suspension in water. The most important 
example of such a conversion is the solution of calcium car- 
bonate in excess carbon dioxide: CaC 03 -f H2CO3 = Ca++ 
-f 2 HC 03 “. The equilibrium is displaced upon heating by 
the evolution of carbon dioxide, hence bicarbonates in solu- 
tion form carbonates upon heating, upon evaporation, or 
upon neutralization of the carbonic acid. The first of these 
processes accounts for the formation of scale in kettles and 
boilers; the second for the formation of stalactites and sta- 
lagmites in caves; and the third is used in the softening of 
water by addition of alkaline reagents, such as ammonia, 
or by the exactly equivalent amount of calcium hydroxide 
(cf. V— 11). 

With the exception of the alkali metals, most of the car- 
bonates are but slightly soluble or else hydrolyze to form 
basic carbonates or hydroxides. The bicarbonates of the 
alkali metals are less soluble than the carbonates; those of 
other metals generally more soluble. Reference should be 
made to the alkali carbonates for the details of their com- 
mercial preparation. 

11. Analysis of Carbonates. — Carbonates are detected 
in qualitative analysis by the evolution of carbon dioxide 
with acids, and the formation of a white precipitate when 
this is passed into a solution of barium or calcium hydroxide. 
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When only a trace of carbonate is present, the test is made 
more delicate by adding a small piece of zinc to the sample, 
so that the hydrogen evolved will carry the carbon dioxide 
through the lime water. 

The indicator, methyl orange, changes from yellow to 
red at about IQr^M H+; hence, a dilute solution of carbonic 
acid gives a yellow color; but if a drop of strong acid is 
added, the color changes to red. Carbonates may, there- 
fore, be titrated with a strong acid, using this indicator. 
An alternate method is to add an excess of standard acid, 

remove the carbonic acid by 
boiling, and titrate the excess 
of acid with alkali, using phe- 
nolphthalein as an indicator. 
In case hydroxide is present, 
the carbonate may first be 
removed by precipitation as 
barium carbonate. In a mix- 
ture of soluble carbonate and 
bicarbonate, the solution may 
first be titrated in the cold 
with a strong acid, using phe- 
nolphthalein as an indicator, 
which gives the amount of 
carbonate. To another portion 
methyl orange is added, and 
the titration is carried to this end-point. The second step 
corresponds to the sum of the moles of bicarbbnate and 
twice the moles of carbonate. Or, the analysis may be 
made (1) by addition of excess of standard base, (2) pre- 
cipitation of the carbonate by barium ion, (3) filtration of 
the carbonate and determination of total carbonate by ti- 
tration, (4) titration of hydroxide in the filtrate to give the 
amount of bicarbonate by difference. 

12. Peroxycarbonates.— Salts of the type Na 2 C 04 and 
K 2 C 2 O 6 are known, corresponding to the acids 
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H 

0 0 0 

1 I I 

0 — C— O— O— H and H— O— C— 0 — 0 — C— O— H, 

but the free adds are unstable. The monoperoxycarbon- 
ates are formed by the interaction of an alkali carbonate 
and hydrogen peroxide. They may be precipitated from 
the solution by ether. The salts of the diperoxycarbonic 
acid may be prepared by the anodic oxidation of solutions 
of alkali carbonates, cooled to — 10 ° or below. These 
compounds show the characteristic strong oxidizing power 
and strong reducing power of other peroxyacids and of 
hydrogen peroxide. The commercial sodium peroxycar- 
bonate often contains hydrogen peroxide of crystallization, 
e.g., NaC04‘H202. 

13 . Carbides. — Carbon combines directly with many 
metals at high temperatures to yield carbides. All the main 
Group I metals form carbides of the general formula, 
M2C2; and the main Group II (except beryllium), MC2. 
These compounds and also CU2C2 and Ag2C2 hydrolyze in 
water with the evolution of acetylene. The rare earth 
metals form carbides of the same general formula, MC2, 
but these and other dicarbides, as UC2, ThC2, and MnC2, 
hydrolyze to form complex mixtures of solid and liquid 
hydrocarbons. Beryllium carbide, Be2C, and aluminum 
carbide, AI4C3, and a number of group four compounds, 
as SiC, TiC, and ZrC, hydrolyze to form methane and 
FesC, MnsC, and NisC yield chiefly methane with some 
hydrogen. In addition to these so-called salt-like carbides, 
there exists a number of comparatively non-reacting car- 
bides as BeC, TiC, ZrC, HfC, TaC, Cr3C2, W2C, VC, M02C, 
and MoC. These carbides are high melting and very hard. 
The mixed carbide WTiC2, known as Kennametal, is used 
as a hard tool cutting edge. No carbides are formed by 
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members of the first or the second subgroups, or by tin, 
lead, arsenic, antimony, or bismuth. 

Commercially, the most important carbide is calcium 
carbide. This is made by heating a mixture of lime and 
carbon in an electric furnace (about 3000°) : CaO + 3C 
= CaC 2 + CO. The reaction is highly endothermic. The 
formation of acetylene and cyaniamide from the carbide 
is discussed under those compounds. 

14. Carbon and Sulfur. — ^The disulfide, CSa, is formed 
from sulfur vapor and graphite at very high temperatures, 
but the equilibrium is reversed at low temperatures. It is, 
therefore, prepared by heating carbon and sulfur in an 
electric furnace: C + 2S = CS 2 . 

The compound is a heavy, colorless, volatile, highly re- 
fractive liquid. It usually has a disagreeable odor from 
the presence of other sulfur compounds. It has acid prop- 
erties, and unites with basic sulfides forming thiocarbonate : 
BaS -f CS 2 = BaCSa. The liquid is a good solvent. The 
vapor is highly inflammable and poisonous. It is used in 
killing rodents, as a solvent for rubber and sulfur, in the 
preparation of carbon tetrachloride, and in the manufacture 
of viscose. 

The monostilfide, CS, is prepared by the action of ozone 
upon carbon disulfide vapor. It may be condensed as a 
liquid at very low temperatures; upon heating, it poly- 
merizes with explosive violence to a solid. 

16. Carbon oxysulfide, COS, forms when carbon disulfide 
is treated with sulfur trioxide: CS 2 -I- 3 SO 3 == COS + 4 SO 2 . 
It is a colorless gas, and resembles carbon dioxide in being 
rather soluble in water. 

16. Carbon and Hydrogen. — ^The formation of heavy 
hydrocarbon molecules has been discussed in the intro- 
ductory paragraphs of this chapter. These compounds 
may be considered in two main groups. 

(1) The aliphatic compounds. The paraffin series, gen- 
eral formula, CaH( 2 n+ 2 ), occurs extensively in American 
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mineral oils. The lighter members of the series, CH4 to 
C4H10, constitute natural gas. The compounds, C5Hi2 to 
CgHis, constitute the light and heavy gasolines. The mem- 
bers, C9H20 to C13H28, are familiar as lubricating oils, and 
heavier molecules, up to C35H72, as paraffin wax. Various 
unsaturated derivatives of the paraffins (Par. 2 ) may be 
considered as separate series: such as compounds of the 
general type, QH211, the olefine series, and CnHjn.j, acety- 
lene series. 

( 2 ) Aromatic compounds, consisting of benzene, CeHe, 
and its simple derivatives, such as toluene, CH3C6H5; and 
more complicated double and triple ring compounds, such 
as naphthalene, CioHs and anthracene, CwHio. 


HC 

HC 




H 

C 


CH 

CH 


H 

Benzene 


H 

HCH 




/ \ 

HC CH 
HC CH 


H 

Toluene 


H H 

C C 


/ \ / \ 

HC C 


HC 


CH 

CH 


c c 

H H 

Naphthalene 


These hydrocarbons occur in certain types of mineral oils 
and in the liquid, condensate from the destructive distilla- 
tion of coal. 

17 . Methane, CH4, has been mentioned as the principal 
constituent of natural gas. It was formerly known as 
marsh gas, and was first observed as bubbles rising from 
the decomposition of vegetable matter in swamps. The 
gas has a low freezing and boiling point, and is but slightly 
soluble in water ( 5.5 cc. per 100 cc. of water at 0 °). 

The gas may be formed by the direct reaction of carbon 
and hydrogen, at moderately high temperatures, Table VI. 
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TABLE VI 


Equilibrium Values for the Reaction, 
C + 2 H 2 = CH 4 + 183,000 cal. 


t°C 

400 

600 

800 

1000 

1200 

Per cent CH 4 

86 

32 

4 

1 

0.2 


The reaction is obviously favored by high pressure. 

Methane is also formed by the reaction of carbon mon- 
oxide and hydrogen: CO -|- 3H2 = CH4 + H2O, at low 
temperatures, 250-300°, in the presence of certain catalysts 
(Par. 37). At high temperatures, the equilibrium is reversed. 

The laboratory preparation of methane is usually carried 
out by heating a mixture of sodium acetate and soda lime, 
or by the action of water on aluminum carbide: CHsCOONa 
+ NaOH = NaaCOs + CH 4 , and AI 4 C 3 + I 2 H 2 O = 3 CH 4 
-f- 4A1(0H)3. 

18. Acetylene, C 2 H 2 , is formed in small amounts by the 
reaction of carbon and hydrogen at very high temperatures 
(2500°) : 2C 4 - H 2 C 2 H 2 . It is prepared commercially 
by the action of water on calcium carbide: CaC 2 + 2 H 2 O 
= C 2 H 2 + Ca(OH) 2 . 

The gas is colorless and odorless when pure, but usually 
has a pungent odor due to the presence of traces of phos- 
phine. The vapor pressure of the liquid is about 40 at- 
mospheres at 20 °; and under these conditions it is highly 
explosive, as at ordinary temperatures the gas is unstable 
in respect to hydrogen and carbon. It is usually handled 
as a solution in acetone under pressure in steel cylinders. 

The temperature of the oxy-acetylene torch, 2500 to 
3000° C., is hotter than that of any other flame, with the 
possible exception of that of atomic hydrogen (cf. I — 9 ); 
and this is employed extensively in cutting and welding 
steel and other metals. Before the introduction of the 
incandescent electric globe, the acetylene lamp was of 
conaderable importance. 
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Acetylene acts as a very weak acid. Silver acetylide, 
Ag2C2, is formed by passing the gas through a solution of 
silver ammonia hydroxide. Many of the acetylides are 
explosive. 

At high temperatures acetylene polymerizes to a number 
of complex products, among them being benzene, 3C2H2 
= CeHe. As an unsaturated compound, it readily adds 
hydrogen or halogens to form, respectively, ethane or its 
halogen derivatives of the type C2H2X4. 

The condensation of acetylene also yields derivatives 
of the vinyl group, CH2— CR“. Thus vinyl acetate, 
CH3C00CH=CH2 is made by the condensation with 
acetic acid, using mercuric oxide and sulfur trioxide as a 
catalyst. This and similar derivatives form the basis for 
the rapidly developing vinyl plastic industry. In the pres- 
ence of mercurous sulfate acetylene adds water to form 
acetaldehyde, CH3CHO. This may be reduced to ethyl 
alcohol or oxidized to acetic acid. These also are impor- 
tant commercial syntheses. 

19. Oxidation Products of the Hydrocarbons. — ^The oxi- 
dation of methane leads to the following series of oxidation 
products : 

H H HO 

H— i— H H— C— 0— H H— C=0 H— 'i— O— H 0=C=0 


Methane Methyl Formalde- Formic Cartpn 

alcohol hyde acid dioxide 

The half reactions involved in these oxidations and their 
approximate potentials in water solutions are the following: 

Volts 25° 

CH. -1- HjO = CHsOH + 2H* + 2e- - 0.58 

CHjOH = HCHO -f 2H+ -t- 2e- - 0.24 

HCHO -I- HaO = HCOOH -]- 2H+ -|- 2«- 0.01 

HCOOH = COa -F 2H+ 2e- 0.14 


Related compounds result from the oxidation of other hy- 
drocarbons; and these compounds are generally classified 
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on the basis of the following characteristic groups, where R 
represents an organic radical formed by the removal of one 
hydrogen ion from a hydrocarbon, e.g. ethyl, CzHs, from 
ethane, C2H6. 

H 

R — OH Alcohols — organic bases | Aldehydes 

R— C=0 


O 

II 

R— C— R 
R— O— R 


O 

II 

RC— OR 


O 

Ketones || Acids 

RC— OH 

Ethers — ^by removing water from two alcohol mole- 
cules 


Esters — “salts” of an alcohol and organic acid. 


20 . Carbohydrates. — An important class of organic com- 
pounds contains hydrogen and oxygen in the same propor- 
tion as in water, and are termed carbohydrates. The group 
includes cellulose, (CeHioOs)®, starch, (C 6 Hio 06 )x, and the 
sugars. The latter are generally classified as monosac- 
charides, C6H12O6, such as glucose or fructose; and as 
disaccharides, Ci2H220ii, such as sucrose (cane sugar), or 
lactose (milk sugar). These compounds are really alcohol, 
and aldehyde or ketone derivatives of long chain hydro- 
carbons, e.g., glucose is CHaOH-CHOH-CHOH-CHOH- 
•CHOH-CHO. 

The molecular weights of cellulose and starch are not 
known, but the molecules are very complex. Starch may 
be converted to glucose by boiling in a solution containing a 
little hydrochloric acid: (CeHioOs)* + XH2O = XC6H12O6. 
Under similar conditions, sucrose may be hydrolyzed to a 
mixture of glucose and fructose. 

21 . EEalogens and Hydrocarbons. — ^Any hydrogen in a 
hydrocarbon is capable of being replaced by a halogen atom, 
thus making possible thousands of halogen hydrocarbon 
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derivatives. The replacement can often be accomplished 
by direct action of the halogen as a gas, or in alkaline solu- 
tion upon the hydrocarbon, e.g. C2H6 + CI2 = C2H6CI 
-j- HCl. Reactions between alcohols and halogen acids 
may also be employed: C2H6OH - 1 - HCl = C2HSCI + H2O. 
A few of the more important compounds are discussed 
below. 

Carbon tetrachloride, CCI4, is made by passing a mixture 
of carbon disulfide vapor and chlorine through a red hot 
tube: CS2 -|- 3CI2 = CCI4 -f S2CI2. The tetrachloride may 
be separated by fractional distillation from the sulfur chlo- 
ride. Or, the reaction may be carried out by passing chlorine 
gas through the disulfide in the presence of a small amount 
of iodine. Carbon tetrachloride is a heaAT?’, colorless liquid. 
It is non-inflammable, and a good solvent for non-polar 
substances; whence its use in dry cleaning, and in fire ex- 
tinguishers, e.g. “pyrene.” The vapors are slightly toxic. 

Chloroform, CHCI3, is prepared by the action of bleach- 
ing powder on alcohol. It is a heavy liquid, and is used 
largely as an anaesthetic. 

Iodoform, CHI$, is prepared by the action of iodine in 
alkaline solution on alcohol. It is a solid with a pungent 
characteristic odor, and finds extensive use as an antiseptic. 

Ethyl chloride, C2H5CI, is formed when ethane is treated 
with chlorine in the sunlight, or alcohol is treated with 
phosphorus pentachloride. It is a volatile liquid which is 
employed in refrigerant cycles, and as a local anaesthetic. 

Ethylene ^chloride, C2H4CI2, is used in the manufacture 
of the polysulfide rubbers such as Thiokol, through its re- 
action with polysulfide. The product, C2H4S2, polymerizes 
in the presence of zinc oxide to a plastic. The dichlordi- 
fluormethane, CCI2F2, called Freon, has become important 
as a non-inflammable readily condensable gas for refrigera- 
tion cycles. Cf. also CF, Par. 4 . 

22 . Carbon and Nitrogen. — ^The nitride, C2N2, cyanogen, 
may be considered as the polymerized free cyanide radical, 
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since it is formed by the oxidation of cyanides. The chemis- 
try of the cyanides resembles in many respects that of the 
halogens, especially iodine ; and the methods of preparation 
of cyanogen, by heating the compounds of the noble metals, 
and by the reaction with cupric ion, are analogous to the 
liberation of iodine under these conditions: 2AuCN = 2Au 
-f C 2 N 2 , Hg(CN )2 = Hg -h C 2 N 2 , 2Cu++ -f 4CN- = 2Cu- 
CN + C 2 N 2 . The reaction, C 2 N 2 = 2C -f N 2 , is highly 
exothermic (about 80,000 cal.). Many references are made 
in the chemical literature to the formation of cyanogen in 
the electric arc, but it is doubtful if, even at that high tem- 
perature, an appreciable quantity of the compound can be 
formed by direct union of the elements. 

Cyanogen is a colorless gas, has a distinctive odor, and is 
extremely poisonous. It is soluble in water (4 volumes per 
1 volume of water at 0°). When heated to 400° the gas 
polymerizes to a white solid, paracyanogen, (CN)i. In 
alkaline solution, cyanogen hydrolyzes to cyanide and 
cyanate: C 2 N 2 -h 20H“ = CN~ - 1 - CNO“ -t- H 2 O (compare 
CI 2 + 20H- = Cl- + CIO- + H 2 O). In sunlight, it de- 
composes, forming ammonium oxalate, ammonium formate, 
and urea. The potentials for the oxidation and reduction of 
C 2 N 2 in acid solution are: H 2 O •+- IC 2 N 2 = HCNO -f- H"*" 
-j- 6 , 0.27 volt and HCN = §C 2 N 2 “f" -|- 6 ~, — 0.33 

volt. 

23. Hydrogen Cyanide, or “prussic acid,” may be pre- 
pared by the action of dilute sulfuric acid upon an alkaline 
cyanide, as it is a weak volatile acid. With concentrated 
sulfuric acid, carbon monoxide is evolved: HCN -f- H 2 O 
-f H''" = CO 4 - NH 4 +. The acid is also liberated by the 
dehydrating action of phosphorus pentoxide upon ammo- 
nium formate; HCOONH 4 = HCN - 1 - 2 H 2 O. Compounds 
of hydrogen cyanide with sugars (glucosides) occur in na- 
ture, e.g. in leaves and seeds of the peach tree; a solution 
made by boiling peach leaves in water was used by the 
ancient Egyptians as a poison. 
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Liquid hydrogen cyanide boils at 26.5°. The gas has the 
odor of bitter almonds, and is extremely poisonous. It is 
readily soluble in water, like the halogen acids; but unlike 
them it is a weak acid, = 4 X lO'^. With chlorine in 
solution cyanogen chloride is formed ; HCN + CL = HCl 
+ CNCl. Alkaline oxidizing agents oxidize cyanide to 
cyanate (see below), while acid oxidizing agents usually 
yield carbon dioxide and ammonia. 

The arrangement of the 10 electrons in cyanide ion may 

be : C : : N or : C : ; N : or probably both with resonance 
• • 

between the structures. When the bond between the car- 
bon and nitrogen is broken by hydrolysis, however, 8 of 
the 10 electrons go with the nitrogen, forming ammonium: 
thus, 

HCN 4 - 2H2O = HCOONH4 (ammonium formate), and C2N2 
COONH4, 

-f 4H2O = I ammonium oxalate. 

COONH4 

24. The Alkali Cyanides are important commercial com- 
pounds (cf. rV — 21). They may be prepared: (1) from alkali 
ferrocyanide by fusion with sodium metal: K 4 Fe(CN )6 
+ 2Na = 4KCN -f 2NaCN -t- Fe; (2) by heating the 
ferrocyanide with carbonate: IC 4 Fe(CN )6 + K 2 COS 
= SKCN -f KOCN -t- CO 2 + Fe; (3) by the reactions: 
2NH3 + 2Na = 2NH2Na + H2 (300-400° C.) and 
2NaNH2 -b 2C = 2 H 2 -f 2NaCN (red heat) ; (4) from cal- 
cium cyanamide by fusion with sodium carbonate: CaCN 2 
■+■ C + Na 2 C 03 = CaCOs -f 2NaCN; (5) by the Bucher 
process for the fixation of nitrogen, by heating a mixture of 
sodium carbonate, carbon, and iron (catalyst) made into 
bricks in an atmosphere of nitrogen: Na 2 C 03 + 4C -I- N 2 
= 2NaCN + SCO. The cyanide is extracted with liquid 
ammonia. 

The alkali cyanides are readily soluble in water, and the 
solutions are alkaline by hydrolysis. Many complex cy- 
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anides are remarkably stable. Ions of the type M(CN)4 
are formed by Cu+ Cd++, Ni++, Hg++, Pd++, and Pt++; of 
the type M(CN)6"®+“ by Cr++, Cr+++, Co+-*-, Co+++, Fe++, 
Fe+++, Mn+, Mn++, Mn+++, Rh+++, Ru++, Os++, Ir+++, 
V'^+, V+^, and A few complex cyanides of the type 

M(CN)3“®'''“ are known, e.g., Cu+, Ni+, Mn++, but they 
usually readily add another group. Silver forms the ion 
Ag(CN)3-. 

26. Cyanates are readily prepared by the action of mild 
oxidizing agents upon cyanides, for example, by heating 
potassium cyanide with lead oxide: KCN + PbO = KOCN 
+ Pb. The salt is extracted from the lead with alcohol, as 
the water solution is unstable: KOCN + 2H2O = NH3 
+ KHCO3. Cyanate is also formed by the action of cyanide 
upon copper ammonia ion: 2Cu(NH3)4''^ + 3 CN” + 20 H“ 
= 2CuCN + OCN- + 8NH3 + H2O. The cyanide- 
cyanate potential 

CN- + 20H- = OCN- + H 2 O + 2e-; is + 0.97 volt 

The free acid decomposes very readily into carbon dioxide 
and ammonia in water solution. Ammonium cyanate, 
NH4OCN, is isomeric with urea: NH4OCN = CO(NH2)2. 
The rearrangement takes place upon evaporating an aque- 
ous solution. 

26. Thiocyanates may be prepared by fusing alkali cy- 
anides with sulfur: KCN -f- S = KSCN. The ammonium 
salt is formed by the reaction of ammonia and carbon disul- 
fide: 4 NH 3 + CS2 = NH4SCN -h (NH4)2S. At 140°, this 
salt rearranges to thiourea, CS(NH 2 ) 2 . The free acid, 
HSCN, is a liquid which readily pol 3 nnerizes to a yellow 
solid. 

27. Calcium Cyanamide is important in its relation to the 
cyanamide process for the fixation of nitrogen. Around 
1000°, calcium carbide absorbs nitrogen to form cyanamide : 
CaC 2 -I- N 2 = CaCN 2 -1- C. The product is used .directly 
as a fertilizer, or treated with superheated steam to convert 
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the nitrogen into ammonia: CaCN2 + 3H2O = CaCOs 
+ 2NH3. At low temperatures, the hydrolysis product 
is cyanogenamide: 2 CaCN 2 + 4H2O = 2 Ca(OH )2 
+ (CNNH2)2- The world’s production of cyanamide in 
1938 was about a million tons. The preparation of cyanide 
from cyanamide has been mentioned above. 

28 . The Proteins constitute a class of extremely com- 
plicated nitrogen compounds, occurring in animal and 
vegetable tissue. Empirical formulas, calculated from the 
percentage composition, give results such as C146H226N44SO60, 
but the molecular weights appear to be much higher. The 
proteins are complexes of amino-acids, i.e. compounds con- 

I 

taining the groups NH2C — and — COOH, such as glycine, 
CH2NH2COOH. 

The Organic Chemical Industries 

Many references have been made to the use of inorganic 
chemicals in various organic industries. For the sake of 
clarifying these references, brief outlines of some of the 
more important industries will be given. 

29 . Explosives. — One of the most important explosives 
is nitroglycerine (cf. also Xn — 36 ). This compound is very 
easily detonated by shock: 4C3H6(N03)3 = I2CO2 
-f IOH2O -f- 6N2 -I- O2. Like all good explosives, the heat 
of the reaction is large, and the gaseous products tend to 
occupy a very large volume in comparison to the original 
compound. Dynamite was formerly made by absorbing 
nitroglycerine in a porous earth; this form is now generally 
replaced by solutions of guncotton in nitroglycerine, known 
as blasting gelatine, giant powder, etc. Diethylglycol 
dinitrate, C2H4(N03)2, is now being used somewhat in place 
of nitroglycerine. Guncotton, or cellulose trinitrate, 
C6H702(N03)3, is formed by steeping cotton in a cold mix- 
ture of nitric and sulfuric acids. It explodes when detonated 
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by another explosive. Smokeless powder, or cordite, is 
made by evaporating a solution, in acetone, of guncotton, 
nitroglycerine, and a little vaseline. 

The high explosives employed in shells to produce violent 
shattering are trinitrotoluene, “TNT,” CH3C6H2(N02)3, 
and picric acid, C6H2(0H)(N02)3. A mixture of the former 
with ammonium nitrate is known as amatol. 

30. Cellulose. — The extraction of pure cellulose from the 
mineral and ligneous matter of wood and other plant fibers 
(especially cotton) has become one of the most important 
chemical industries. The wood or plant fibers are ground 
with water to give a mechanical pulp. Three types of chem- 
ical pulp, consisting of more or less pure cellulose are in use 
in America: (1) soda pulp, made by heating the mechanical 
pulp with 10 per cent NaOH under pressure, (2) sulfite 
pulp, made by digestion with a solution of calcium bisulfite 
and free sulfurous acid, (3) sulfate pulp made by treatment 
with sodium sulfate solution which contains some NaOH 
and Na 2 S. Large quantities of chlorine are also employed 
in the bleaching of these pulps. In Europe wheat and flax 
straw are treated by the Pomelio process which employs 
chlorine gas in dilute sodium hydroxide to dissolve out the 
non-cellulose constituents. There are three forms of cellu- 
lose, a, |8, and y. The alpha form is insoluble in 18 per 
cent NaOH at 20° C. and is the most desirable. Cotton 
linters give a pulp which is 98 per cent alpha cellulose. 

Paper is made from various mixtures of mechanical and 
chemical pulp, the proportion depending upon the type and 
grades. 

For the synthetic textile and plastic industries the cellu- 
lose is dissolved by one of the following methods: (1) the 
cellulose is treated with CS 2 and NaOH to form a xanthate 
solution (viscose process). The cellulose is reprecipitated by 
acid. (2) The cellulose is nitrated and the nitrocellulose 
dissolved in suitable solvents. (3) The solvent is ammonia- 
cal copper solution. The cellulose is coagulated in a caustic 
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bath. (4) Cellulose acetate is made by dissolving the pulp 
in a mixture of acetic anhydride and glacial acetic acid. 
Cellulose acetate may be precipitated by water. The process 
is modified to give other esters in addition to the acetate 
and also cellulose ethers. 

31 . Rayon and other Textiles. — ^Any of the cellulose solu- 
tions discussed above may be employed to form threads. 
The liquid is forced through a small opening and coagulated. 
The resulting thread is gathered, washed, and wound. The 
1937 production of American rayon was 343,000,000 pounds. 
About 70 per cent of this was produced by the viscose 
process and practically none from nitrocellulose although 
this was the first of the artificial silks. The new nylon is not 
a cellulose but is a polymide and thus more nearly like 
natural silk in composition. The most promising artificial 
wool fabric is the casein fiber, lanitol being an example. 
The casein is dissolved in sodium hydroxide and the solu- 
tion extruded into an acid formaldehyde bath to precipitate 
it. Casein is a protein substance as is wool, and the fiber has 
many of the properties of natural wool. 

32. Plastics. — One of the earliest plastics was celluloid 
which was made by combining nitrocellulose with camphor 
and castor oil. Dissolved in alcohol and ether, the nitro- 
cellulose formed a lacquer known as collodion. The name 
PyroxyUn is now given to this class of plastics and lacquers. 
The plasticizing agent camphor has now been supple- 
mented by many others such as the organic phosphates, 
and derivatives of phthalic acid. All of the cellulose solu- 
tions (Par. 30 ) may be made into plastics. One of the most 
extensive uses of cellulose acetate is as laminating material 
for safety glass. In 1938 about twenty-five million pounds 
of cellophane was produced from viscose for use as a wrap- 
ping material. 

Another type of plastics is the artificial ambers, as, for 
example, Bakelite, formed by the condensation of phenol, 
CsHeOH, with formaldehyde, CH 2 O, or with other aide- 


290 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. XIII 


hydes, as furfural, C 6 H 4 O 2 . The venyl resins (cf. Par. 18) 
are also used in safety glass and are employed as the ma- 
terial for many molded articles. Acrylate resins are esters 
of methacrylic acid, CH2=C — CHs — COO — R. They give 
crystal clear glass like molds. The plastic Incite belongs 
to this class. Urea-formaldehyde resins are also glass-like. 
Casein, soy bean protein, and lignin are examples of waste 
materials which are now employed in plastics. The casein 
is made into a dough with filler and coloring matter, pressed 
into shape and set by treatment with formaldehyde solu- 
tion. It is used chiefly in the manufacture of buttons. 

33. Rubber. — ^The raw rubber as it comes from the plan- 
tation is a soft somewhat sticky substance which probably 
consists of long chains of polymerized molecules having the 
general formula, CsHs. At the factory it is softened with 
steam and mixed with the compounding agents (principally 
carbon black and zinc oxide) and with the vulcanizer, sulfur. 
Vulcanization requires heating to a temperature of 120 to 
200° and doubtless results in the formation of cross linkage 
between the long carbon chains through the action of the 

sulfur atoms on the unsat- 
urated molecules. Vulcan- 
ization decreases the 
plasticity and increases the 
resistance to abrasion. 
Small objects are often 
vulcanized by the vapor 
cure, using sulfur chloride. Recent developments have been 
the introduction of “accelerators” such as hexamethylene- 
tetraamine, (CH 2 ) 6 N 4 , which lower the temperature and 
the time required for vulcanization and of “anti-oxidants” 
which retard the appearance of brittleness due to atmos- 
pheric oxidation. 

The artificial polysulfide rubber, thiokol, has been dis- 
cussed in Par. 21. Another synthetic rubber, neoprene, is 
made from monovinyl acetylene (cf. Par. 18). This sub- 



Fig. 4. Diagrammatic representation 
of chains of CsHs molecules in rubber. 
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stance reacts with hydrogen chloride to give chloroprene 
which can be polymerized to neoprene. 

34. Petroleum. — Crude oil varies greatly in composition. 
Some oils (the Pennsylvania) contain largely members of 
the paraffin series, while others (the California) consist of 
aromatic groups with varieties of side chains. The proper- 
ties of light and heavy constituents also vary from one 
field to another. By distillation the crude oil is separated 
into (a) volatile gases, (b) gasoline, (c) solvent naphtha, 
(d) kerosene, (e) lubricating oil, (f) wax tar and fuel oil. 
The various products are agitated with sulfuric acid, and 
washed with water and dilute caustic soda. If the crude is 
high in sulfur an agitation with a solution of lead oxide in 
sodium hydroxide may also be used. Since the greatest 
demand has been for gasoline, the higher-boiling con- 
stituents are heated to a high temperature (“cracking”) 
to cause their decomposition into lighter hydrocarbons. 
However, the older methods are being displaced by more 
efficient processes. One of these is the catalytic hydrogena- 
tion of both the heavy fractions and also of the gas oil. 
This tends to remove oxygen, nitrogen, and sulfur as their 
hydrogen compounds, to remove the unsaturated molecules 
which tend to condense to form gums and to give superior 
lubricating oils and gasolines. Another recent development 
has been the polymerization of the more volatile constitu- 
ents, especially propane and butane. The hydrocarbons 
are generally cracked at relatively low temperature, cooled, 
and catalytically polymerized. The solvent extraction 
method by which a lubricating oil may be resolved into a 
desirable paraffinic oil and a less desirable, less heat resist- 
ant fraction by the use of selective solvents such as phenol 
and dichloroethyl ethers is now in general use. Modem re- 
fining methods endeavor to promote the formation of 
branch chain hydrocarbons, such as isooctane, which have 
high “anti-knock” qualities. The use of lead tetraethyl, 
Pb(C 2 H 6 ) 4 , as an “anti-knock” has also become universal. 
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The production of gasoline in the United States in 1936 
was 230 million bbls. straight run from crude and 240 
million bbls. from cracking operations. 

36. Dyes, Perfumes, and Drugs. — Compounds of aro- 
matic hydrocarbons constitute almost 100 per cent of tex- 
tile dyes. Many of these compounds are synthesized from 
aniline, C 6 H 6 NH 2 , obtained from the distillation of coal 
tar. Examples of important types of color compounds are 
given below: 


QHa— C— C6H4N(CHa)a 

II 

QHaNHa 

C3H4 C,H40H 

1 


/ \ / 

C6H4N(CH3)3C1 

b 

\ 

CO c 

|i 


\ / \ 


b 

r 

:6H3(NHa)a 

0 C«H40H 

Malachite green 

Bismarck brown 

Phenolphthalein 


The flavors and perfumes are largely esters and alde- 
hydes, such as “banana oil,” amylacetate, CHsCOOCsHu. 
The organic drugs embrace a large number of different 
types of compounds. The alkaloids, as morphine and 
strychnine, are complex nitrogen compounds. Aspirin, 
C 6 H 40 Ac*C 00 H, is a derivative of salycilic acid. Salvar- 
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san, used in the treatment of syphilis, is NH2OHC6H3AS- 
ASC6H3OHNH2. The isolation, identification, and synthesis 
of many of the vitamins has now made these substances 
available as pure chemicals. Examples are given on 
page 292 . 

36 . War Gases. — Chlorine, and soon after, phosgene, 
COCI2, were employed in the World War in the earlier 
operations of the gas warfare; later a number of organic 
derivatives were used, among which were “mustard gas,” 
(CH2C1CH2)2S; chlorpicrin, CCI3NO2; “tear gas,” such as 
brombenzyl cyanide, CeHsCHBrCN; and “sneeze gas,” 
diphenylchlorarsine, (CeHs) 2ASCI. 

37 . Synthetic Methanol. — In the presence of catalysts, 
carbon monoxide and hydrogen will combine to form a 
number of hydrocarbons and alcohols, or other oxidation 
products of hydrocarbons, for example, 

CO + 3H2 = CH4 + H2O 
CO + 2H2 = CH3OH 
12 CO + 3H2 = CeHe + 6CO2 

Of these reactions, the most important commercially is the 
formation of methyl alcohol, CH3OH, or methanol. The 
reaction is favored by pressure (100-200 atmospheres are 
used), and the temperature range is between 300 and 
600 ° C. Various mixed metal oxides are employed as 
catalysts. Zinc oxide favors the formation of methanol, 
while cobalt metal with chromium oxide yields hydro- 
carbons. Methanol is important as a solvent, and as a raw 
material for the synthesis of many organic compounds. 
It is a very satisfactory fuel for gas engines. 


Chapter XIV 


SILICON 

1 . Silicon, the second element of Group IV, occupies as 
important a position in the mineral world as carbon does in 
the vegetable and animal. Its chemistry is characterized 
by the stability and complexity of the compounds of the 
dioxide, Si02, with basic oxides. In this respect, it resembles 
boron more closely than It does carbon. Although it forms 
hydrogen compounds similar to those of carbon, the bond 
between the silicons is readily broken, and the compounds 
do not possess the stability or importance of the correspond- 
ing carbon compounds. The oxide like that of boron is high 
melting and non-voIatile, and many of its compounds are 
derivatives of polyacids, which resemble the boric acids. 
However, the majority of the silicates are salts of ortho or 
meta silicic acid, and thus contain the groups Si 04 and SiOj, 
the former having a charge of -|- 4 and the latter of -h 2. 
Although a monoxide is known, few -1- 2 or unsaturated 
compounds have been prepared. 

In connection with the resemblance between boron and 
silicon, reference should be made (cf. Ill — 7) to the similar- 
ity in the values for the field of force about and Si+^. 

2. OcCTurence. — ^Silicon is never found as the free ele- 
ment. The dioxide and its compounds constitute about 
87 per cent of the earth’s crust, and the element is estimated 
as forming 25.8 per cent of the outer portions of the earth. 
Silicon thus ranks next to oxygen in abundance. The prin- 
cipal silicon minerals are summarized in Table VI, and the 
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important groups, such as the feldspars, pyroxenes, amphi- 
boles, and micas, are discussed in subsequent paragraphs. 

3. Elementary Silicon has been prepared in a semi-metallic 
crystalline form, and also in a so-called amorphous form. 
The former possesses a grey luster and fair electrical con- 
ductivity (Table I). Both forms appear, from X-ray data, 
to have the same atomic arrangement in the crystal, the 
modified diamond type, hence the amorphous form is prob- 
ably a mass of very small crystals. 

Amorphous silicon is prepared by the high temperature 
reduction of silicon halides by alkali metals, or of the diox- 
ide by magnesium : SiCU -f 4Na = Si -f 4NaCl. When the 
dioxide, or sodium silico- 
fluoride, Na 2 SiF e, is reduced 
with excess of aluminum, 
the silicon dissolves in the 
excess metal, and upon 
cooling, separates in the 
crystalline metallic form. 

This may be separated from 
the aluminum by dissolv- 
ing the latter in acid. The 
metallic form may also be 
prepared by the reduction 
of the dioxide with carbon in an electric furnace, although 
it is difficult to avoid the formation of the carbide. Amor- 
phous silicon may be converted to the metallic form by 
recrystallizing from molten silver. 



Percent SI 

Fig. 1. Aluminum-silicon diagram. 


TABLE I 


Atomic and Physical Properties of Silicon 


Atomic number 

Atomic weight 

Isotopes 

Electrons in various quan- 
tum levels, 1st 

2d 

3d 


14 

Density (crys.) 

2.4 

28.06 

Melting point, ® C 

1427 

28, 29,30 

Boiling point, ® C 

Electrical resistivity, 

2287 

2 

ohm-cm 

85 X 10-® 

8 

Radius of Si+* in crystals, 


4 

cm, X 10® 

0.41 
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Silicon is of considerable importance in the steel industry. 
It is generally prepared, however, as ferrosilicon (Par. 6). 

4. Reactions of the Element. — Silicon burns in oxygen, 
but not readily, as a surface layer of oxide tends to stop the 
reaction. It ignites spontaneously in fluorine at room tem- 
perature, in chlorine at 300-350°, in bromine at 500°; and 
the amorphous form reacts with iodine at red heat, but 
without luminosity. The oxidation reduction potential. 

Si -f- 2 H 2 O = SiOa -f- 4H+ + 4e-: 0.6 volt, 

is not of great significance because of the slowness of the re- 
action. Thus, silicon is not soluble in hydrogen ion, but due 
to the great stability of silicates, it does dissolve in sodium 
hydroxide with the evolution of hydrogen. The element is 
also oxidized by steam. A mixture of nitric and hydrofluoric 
acid gives silicon tetrafluoride. Combination occurs with 
nitrogen and sulfur at high temperature, and with many 
metals to form silicides. 


TABLE II 
Reactions of Silcon 

Si " 1 “ O2 “ SiOa 
Si + 2X2 = SiX 4 

Si -f 2 NaOH + HgO = NaoSiOg + 2H2 

Si 4- 2 H 2 O = SiOa -h 2 H 2 

3Si -f 4 HNO 3 -f 12HF = 3SiF4 + 4NO + 8 H 2 O 

Si -h K 2 CO 3 = KiSiOs 4 C 

3Si -f 2 N 2 = Si3N4 

Si 4“ 2 S = SiS 2 

nSi -j- mM = SiuMm 


Not rapid 
With halogens 

With steam 

Fused 

With many metals 


6. Silicides. — Silicon dissolves in many molten metals, 
and the temperature-composition curves indicate the forma- 
tion of both solid solutions and definite compounds. Com- 
pounds of the type, MsSi, are formed by Li and Cu; of the 
type, M 2 Si, by Mg, Mn, Fe, Co, Ni, and Pd; of the type, 
MSi, by Mn, Fe, Co, Ni, Pt, and Pd; of the type, MSU, 
by Ca, Co, Sr, V, and U; and of the type, MSis, by Co. A 
few of the more important compounds are discussed below. 
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6. Ferrosilicon. — FeSi is made by reducing siliceous iron 
ore in an electric furnace. It is employed extensively in the 
steel industry, especially in the manufacture of silicon steels, 
the more important of these being (1) acid resistant steel, 
e.g. “duriron” (16 per cent silicon) and (2) steel of high 
magnetic permeability. The 
addition of silicon to iron 
also reduces the amount of 
iron carbide, FejC ; and thus 
converts white cast iron into 
grey cast iron. Silicon added 
to molten steel also serves 
as a “deoxidizing” agent. 

Hydrogenite, a mixture of 
ferrosilicon and solid sodium 
hydroxide, evolves hydrogen 
upon the addition of water, and has been used as a source 
of hydrogen for balloons and air ships. 

7. Carborundum, SiC, is one of the hardest substances 
known. Although the data are somewhat indefinite, the 
arrangement of the atoms in the crystal appears to be a . 
modified diamond type of structure. It is manufactured 
extensively for use as an abrasive, by heating a core of 
carbon packed in sand in an electric furnace: Si02 + 3C 
— CSi + 2CO. The furnace is of the resistance type, the 
carbon core serving as the heating element. 

8. Calcium Silicide, CaSi 2 , is formed by heating lime, 
sand, and carbon in an electric furnace: CaO + 2Si02 + 5C 
= CaSi 2 + SCO. It is a powerful reducing agent, and is 
employed as a “deoxidizing” agent in steel manufacture, 
and also as a reducing agent in certain explosives. 

9. Silicon and Hydrogen. — ^The first 7 or 8 members of 
the series, SinH 2 n+ 2 , corresponding to the paraffin series, are 
known. These hydrogen compounds resemble the hydro- 
carbons in physical properties, but not in stability. They 
inflame spontaneously in air at room temperature, or 
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slightly above, and are decomposed by alkali with the for- 
mation of a silicate and hydrogen. A mixture of the various 
members of the series results from the action of acids upon 
magnesium silicide, MgaSi, while lithium silicide, LijSi, 
gives largely silicoethane, Si2H6. The existence of unsatu- 
rated hydrogen compounds is doubtful, with the exception 
of the compound SiHj. 

10. Silicon and the Halogens. — ^The halogens react di- 
rectly with silicon, forming tetrahalides. The energy of the 
reaction decreases with the increasing size of the halogens; 
with fluorine, the reaction is spontaneous at room tempera- 
ture, while with iodine the reaction occurs only at red heat. 
The tetrahalides hydrolyze in water to form silicic acid 
and the hydrogen halide, and this hydrolysis is complete 
with all the tetrahalides, except the tetraflnoride. Due to 
the stability of the fluoride, silicon dioxide and most of the 
mineral silicates dissolve in hydrogen fluoride: Si02 + 4HF 
= SiF4 -1- 2H2O. The solid tetrafluoride sublimes without 
melting ; but under a pressure of 2 atmospheres it melts at 
— 77°. At room temperature the tetrafluoride is a gas with 
a pungent odor. With water, partial hydrolysis results in 
the formation of fluosilicic acid: 3SiF4 + 3H2O = 2H2SiF6 
+ H2Si03. This is a moderately strong acid, and its potas- 
sium salt is but slightly soluble. X-ray data on the solid 
fluosilicates show that the six fluorine atoms are arranged 
symmetrically at equal distances about the silicon atom. 
In the acid nature of the fluoride, silicon again resembles 
boron. 

11. Silicon tetrachloride is prepared by the action of 
chlorine on silicon carbide, or on a hot mixture of silica 
and carbon: 2DI2 -1- SiC = SiOb C; S1O2 “b 2C -j- 2OI2 
= SiCU -f 2CO. The product prepared by these reactions 
also contains higher members of the series, SinCl2n+2. 
Mixtures of the tetrachloride and ammonia have been em- 
ployed for the preparation of military smoke screens, since 
in moist air solid silicic acid and ammonium chloride are 
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formed. With sulfur trioxide, the oxychloride, SiaOCle, and 
also silicon dioxide results: 2SiCl4 + 2SO3 = Si20Cl6 

SaOsClj, and SiCh -I- SSOs = Si02 2S206C12. 

12. By the action of hydrogen chloride upon heated 
silicon, chlorine hydrosilicons are formed, the most im- 
portant being silicochloroform, SiHCU. This and other 
silicon hydrogen halides hydrolyze in water with the for- 
mation of oxyhydrogen compounds: 2SiH3Cl + H2O 
= 2HC1 + 2(SiH3)20 (Disiloxan): SiH2Cl2 -f- H2O 
= 2HC1 -1- (SiH2)0 (Prosiloxan) : Si2Cl6 + 4H2O = 6HC1 
-f- (Si02H)2 (Silico-oxalic acid) ; 2SiHCl3 •+ 3H2O = 6HC1 
+ H2Si203 (Silico-formic acid anhydride). 

Silicon and Oxygen 

13. Silicon Monoxide. — ^The yellowish brown monoxide, 
SiO, may be prepared by the reaction between carbon and 
excess silicon dioxide at temperatures around 2000°. Si02 
-h C = SiO -f CO. The oxide is a solid at these tempera- 
tures, and unless rapidly cooled, decomposes: 2SiO = Si 
-b Si02. It is used commercially under the name monox, as 
a pigment, and also as an abrasive. 

14. Silicon Dioxide. — Free silica, Si02, constitutes about 
12 per cent of the earth’s crust; and this, together with silica 
in combination with basic oxides, approximately 60 per 
cent. It occurs in three crystalline forms, quartz, tridymite, 
and cristobalite, and each of these has a number of modifi- 
cations (Table III). It also exists as the supercooled liquid, 
or quartz glass. Sand, flint, and agate are familiar forms of 
silica. Kieselguhr, or diatomaceous earth, is silica resulting 
from the skeletons of diatoms. 

Quartz belongs to the hexagonal system with threefold 
symmetry about its principal axis. The crystal has no plane 
or center of S3nnmetry; and therefore exists in two forms 
called “right-handed” and “left-handed,” which are 
mirror images of each other and rotate the plane of polarized 
light in opposite directions (Fig. 3). Crystals of enormous 
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size are occasionally found in nature. Quartz has a density 
of 2.65, and is somewhat harder than ordinary glass. It is 
very transparent over a range of wave-lengths extending 
from the infrared far into the ultraviolet (transmission 



Fig. 3. Quartz crystals; a, right- 
handed; b, left-handed. 


for 1 mm. thickness = 67 
per cent at 0.19 ju), and 
therefore finds considerable 
application in the manufac- 
ture of optical instruments 
and ultraviolet lamps. 

As indicated in Table III, 
tridymite and cristobalite 
are unstable with respect to 
quartz at ordinary tempera- 


tures. The transition is slow at low temperatures, however, 


and both forms are found in nature, especially in lavas 


which have cooled quickly. 


TABLE III 

Modifications of Silica 

Crystal Specific Transition Temperature,' 
System Gravity ° C. 


a-Quartz Hexagonal 2.65 575, to i3-Quartz 

jS-Quartz Hexagonal 2.63 870, to i32-Tridymite 

a-Tridymite Rhombic? 2.28 117, tojSi-Tridymite 

jSi-Tridymite Hexagonal 163, to j32-Tridymite 

j82-Tridymite Hexagonal 1470, to jd-Cristobalite 

a-Cristobalite Tetragonal 2.35 225, to j^-Cristobalite 

jS-Cristobalite Cubic 2.21 1710, to liquid 

Silica glass Amorphous 2.21 


Liquid silica is highly viscous, and like all such liquids, 
readily supercools. Quartz glass has a lower density (2.2) 
than the crystals, and a very small coefficient of expansion, 
0.0654 (linear). Because of its low expansion, it is possible 
to plunge white hot quartz glass into water without having 
it crack. Quartz glass does not soften below 1500°, whereas 
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ordinary glass softens around 600 to 900°. Both of these 
qualities make it very valuable in the construction of appa- 
ratus for high temperature measurements. It should be 
noted, however, that helium and hydrogen diffuse rather 
readily through quartz glass at temperatures as low as 300°. 
Quartz glass is now manufactured by fusing pure silica in a 
high temperature furnace. 

The crystal structure of the three forms of silica may be 
represented as tetrahedral groups of oxygen atoms about a 
central silicon atom. The 
tetrahedra are linked at 
each corner so that each 
oxygen is attached to two 
silicons. The high temper- 
ature or j8-modifications 
have a more definite struc- 
ture and higher symmetry 
than the a-forms. /3-tridy- 
mite is similar to the wurtz- 
ite structure and /3-crystO- Fig- 4 . Projection of silicon atoms 
balite to the sphalerite ^-quartz, 

structure, i.e., the silicon atoms are arranged like the car- 
bon atoms of diamond. In /3-quartz the tetrahedra are more 
closely packed. In the unit cell the silicons are located in 
three planes at different heights and the projection of the 
centers onto a single plane gives a hexagonal pattern. 
Fig. 4. 

The various forms of silica are soluble in alkalies with the 
formation of silicates, but they are only slightly affected by 
acids, except hydrofluoric which converts silica into the 
tetrafluoride. The great stability of silicon dioxide is re- 
lated to its high heat of formation : Si -h O 2 = Si02 -f 200 
kcal. It is exceeded by that of the fluoride, however: Si 
-b 2F2 = SiF 4 -I- 360 kcal. 

15. Silicic Acids. — ^The result of the addition of a strong 
acid to a soluble silicate is the formation of a colloidal solu- 
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tion, or hydrogel, of the general formula, mSi02-nH20. 
Upon heating, the gel may be gradually dehydrated and the 
dioxide formed. Partially dehydrated gels have high ab- 
sorbent power, and are now used commercially in the ab- 
sorption of benzene, sulfur dioxide, nitric acid, nitrogen 
dioxide, and other vapors. Many forms of hydrated silica 
occur in nature, such as opal. 

Salts and mineral derivatives of a large number of silicic 
acids are known. The nomenclature of these hypothetical 
acids is indicated in Table IV. 


TABLE IV 
Silicic Acids 



Mono- 

mH20»Si02 

Di- 

mH20*2Si02 

Tri- 

mH20*3Si02 

Tetra- 

niH20*4Si02 

Ortho- 

00 1 

H6Si207 

(H2Si03)2 

H2Si206 

HgSiaOio 

11481308 

11281307 

H 

Meta- 


Para- 










16. Alkali Silicates. — Commercial sodium silicate, known 
as water glass, is made by fusing sand, flint, or kieselguhr 
with sodium carbonate and charcoal, and extracting the 
glassy mass in an autoclave, or by dissolving the silica in 
sodium hydroxide. The product has a ratio of Si02 to 
Na20, between 2 and 4, and is usually sold in concentrated 
solution as a syrupy liquid. 

Water glass is used in soaps and washing powders to pro- 
vide an alkaline reaction. It is used: for fireproofing ma- 
terials; in paper manufacturing as sizing; as an egg- 
preservative; and as a mineral glue for cementing wood, 
glass, porcelain, etc. Solid sodium metasilicate, Na2Si03 
•5H2O, orthosilicate, Na4Si04, and “sesqui” silicate Nas- 
HSi04'5H20 are commercial products, used as water soften- 
ers and cleaning agents. 

The other alkali silicates resemble the sodium compound. 








§17] 


SILICON 


303 


Temperature-composition curves for the system, KaO-SiOz- 
H2O, show many hydrates of the salts, K2Si03 and K2Si20s, 
and lithium forms the ortho salt, Li4Si04. Although silica 
is soluble in concentrated ammonia, solid ammonium sili- 
cates cannot be prepared, as the solutions hydrolyze com- 
pletely when evaporated. 

17. Mineral Silicates. — Rocks may be classified as (1) ig- 
neous, (2) sedimentary, (3) metamorphic. Igneous rocks 
have resulted from the solidification of the earth’s molten 
magma. Sedimentary rocks are formed from the igneous by 
the action of weathering agents, followed by sedimentation 
under water, e.g. sandstone. Certain igneous and sedimen- 
tary rocks have been subjected to heat, pressure, or solvent 
action, and are thereby modified to form the metamorphic 
rocks, e.g. serpentine. 

Analysis of a number of the more common igneous rocks 
gives the ranges in composition summarized in Table V for 
the component oxides: 


TABLE V 

Composition of Igneous Rocks 







MgO 



K20 

H20 

Per cent . . . 

40-75 

7-18 

0.2-8 

0.3-14 

0.1-24 

0.2-lS 

1-5 


0.5-4 


The most abundant igneous rock is granite, a mixture of 
feldspar (Table VI), mica, and quartz. Rhyolite and ob- 
sidian have the same general composition as granite, but 
the former has cooled much more rapidly and its individual 
crystals are much smaller than those in granite. Obsidian 
is a volcanic glass. Next to granite, the most important 
igneous rocks are the ferromagnesium silicates, the pyrox- 
enes, and amphiboles. The continents appear to be slabs of 
granite about 20 miles thick “floating” on heavier basaltic 
material. The composition of basalt is largely calcium, 
magnesium, and iron silicate. 
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18. Feldspar, KAlSiaOs, is the most abundant of all 
minerals on the earth’s crust. The sodium and calcium 
feldspars are isomorphous. Large quantities of feldspar are 
used in the ceramic industries (see Pottery). Feldspar is 
converted by the action of carbon dioxide and water into 

( 1 ) mica or by further action into ( 2 ) kaolinite (clay): ( 1 ) 

SKAlSisOs + H 2 CO 3 = KHaALSisOiz + 6Si02 + K 2 CO 3 : 

(2) 2KAlSi308 + 2 H 2 O + CO 2 = H4Al2Si209 + K 2 CO 3 
■f" 4Si02. 

19. The micas are acid orthosilicates of aluminum with 
magnesium, ferrous iron, and the alkalies. Their most 
striking characteristic is cleavage into very thin elastic 
transparent sheets. Mica is used extensively in the elec- 
trical industries as an insulator. It is used in making win- 
dows for stoves, in lamp chimneys, as Christmas tree 
“ snow,” as a decorative material for wall paper, and in 
many special paints. When heated, mica breaks down into 
leucite: KH2Al3(Si04)3 = KAl ($103)2 + AI2O3 -f- SiO^ 
+ U,0. 

20. The term asbestos includes several of the magnesium 
silicates, e.g. amphibole and olivine. These minerals have 
a fibrous structure, silky luster, and are difficultly fusible. 
Asbestos is important commercially as a thermal insulator. 
The long fibers permit the manufacture of asbestos yam, 
cloth, and paper, and from these innumerable fireproof 
objects. Mixtures of asbestos and Portland cement are 
used in fireproof shingles. 

21. Kaolin, impure kaolinite, or clay, is a hydrated alumi- 
num silicate, and talc, or soapstone, is a hydrated magne- 
sium silicate. Clay is further discussed under pottery. 
Talc is used in soap, French chalk, talcum powder; and in 
paint, roofing, and rubber. A fibrous form is used exten- 
sively in paper. Soapstone is used as a refractory material. 
The bentonites and the pyrophillites are forms of aluminum 
silicates or the clay minerals. Both are important as com- 
mercial fillers for rubber, paper, and soaps. 
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Feldspars 


Feldspathoid group 


Pyroxene 
(Cleavage 87° 
and 93°) 


Amphibole 
(Cleavage 56° 
and 124°) 


Complex calcium 
aluminum silicates 


Mica and Talc 


Zeolites 


Chlorit 


Miscellaneous 

Metasilicates 


Miscellaneous 

Silicates 


TABLE VI 

Mineral Silicates 

' Orthoclase, KAlSisOs (monosymmetric) 

Microcline, KAlSiaOg (anorthic) 

Anorthoclase, NaAlSiaOs (anorthic) 

. Plagioclase, n(NaAlSi308)m(CaAl2Si208) 

( Leucite, KAl(Si 03)2 
I Nepheline, [Na, K]AlSi 04 
I Sodalite, Na8Al6Cl2(Si6024) 

ILazurite, Na5Al8S(Si04)3 
’ Enstatite, MgSi 04 
Hypersthene, [Mg, FejSiOs 
' Diopside, Ca[Mg, Fe](Si 03)2 
Augite, CaMg(Si 03)2 + [Mg, Fe][Al 203 , Fe203](Si08) 
.Jadeite, NaAl(Si 03)2 
' Anthophyllite, (OH) 2 (Mg, Fe)7Si8022 
Tremolite, (OH) 2 Ca 2 [Mg, Fe]6Si8022 
■ Hornblende, (OH) 2 (Ca, Na, K) 2 -. 3 (Mg, Fe, Al)6(Si, 
Al)2Si6022 

. Glaucophane, (OH) 2 Na 2 (Fe, Mg) 3 (Al, Fe) 2 Si 8022 
' Vesuvianite, CaioAUCMg, Fe) 2519634 (OH) 4 
Epidote, Ca 2 (Al, Fe) 30 H(Si 04)8 
Prehnite, H 2 Ca 2 Al 2 (Si 04)3 

. Scapolite, Ca4Al6Si6024(S64, CO 3 ) to Na4Al8Si9024Cl 
' Muscovite, (OH)2KAl2Si3A10io 
Biotite, (OH) 2 K(Mg, Fe)8 AlSisOio 
- Phlogopite, (dHHKMgaSisAlOio 
Lepidolite, IGLi 2 Al(Si 40 io)(OH, F )2 
I Talc, Mg3(Si40io)(OH)2 
' Heulandite, CaAl 2 Si 70 i 8 * 6 H 20 
Stilbite, (Na2Ca)Al2Si60i6*6H20 
• Chabazite, [Ca, Na 2 ]Al 2 (Si 03 ) 4 ‘ 6 H 20 
Analcite, NaAl(Si 03 ) 2 'H 20 
. Natrolite, Na2Al2Si30io-2H20 
/ Clinochlore, Al, MgfiSi8Alio(OH)8 
\ Penninite, Mg 5 (Al, Fe)(Al, Si)40io(OH)8 
' Chrysocolla, CuSi 63 * 2 H 20 
Serpentine, H4Mg3Si209, or ( 0 H) 6 Mg 6 Si 040 irH 20 
‘ Beryl, Be3Al2(SiOs)6 
Spodumene, LiAl(Si08)2 
^ Calamine, Zn2(0H)2Si08 
’Willemite, Zn 2 Si 04 
Zircon, ZrSi04 
Kaolinite, Al 2 ( 51203 ) (OH) 4 
Andalusite, AUSiOa 
Cyanite, AlaSiOs 
Sillimanite, AUSiOg 
Topaz, (AlF)2Si04 
Titanite, CaTiSiOs 
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TABLE VI. {Cant'd) 

Mineral Silicates 

f Tourmaline, (Na2Ca)(Mg, Al) 276981 igH^Oas 
I Datolite, CaB(0H)Si04 
i Axinite, HCa2(Fe, Mn)Al2B(Si04)4 
' Grossularite, CagAUCSiOOs 
Almandite, Fe3Al2(Si04)3 
Pyrope, Mg3Al2(Si04)3 
. Andradite, Ca3Fe2(Si04)3 
{ Olivine, (Mg, Fe)2Si04 
\ Forsterite, Mg2Si04 

22. Structure of Silicate Minerals. — ^The tetrahedron of 
oxygen atoms with a silicon at the center, which occurs in 
silica (Par. 14 ), is a general characteristic of all silicate 
minerals. In the orthosilicates such as zircon, ZrSi04, and 
olivine, (Mg,Fe)2Si04, the crystal is a lattice of Si04 tetra- 
hedra and the positive ions; and the same is true of the 
orthodisilicates, the negative ion, SiaOr"®, consisting of two 
tetrahedra linked by a comer. The metasilicates (SiOa 
radical) may complete the tetrahedron of oxygen atoms by 
forming rings in which two comers of each tetrahedron are 
shared. The most common ring contains six tetrahedra, for 
example beryl, Be2Al2Si60i8, consists of a lattice of the posi- 
O O O tive ions with the ring-like 

ry'^Sr negative ions SieOig"^^. A 
'■’S' three membered ring is 

Y 0 6 6 also known in benitoite, 

jCr^^L jCtSt rr^- ^^TiSisOg. In the pyrox- 

enes, e.g., CaMg(Si03)2, 
O O o which are also metasili- 

Fig.S. Chains in the amphiboles. ^ates, the SiOa groups 

form infinite chains instead of rings, and the positive ions 
serve to bind the chains together. The amphiboles contain 
infinite double chains formed from the ShOu"® groups. 
These are illustrated in Fig. 5 . In the various types of 
asbestos these chains are in bundles of parallel fibers. 
In other cases they form sheets of matted fibers. Jade 


Borosilicates 

Garnet 
Olivine group 
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appears to be a mineral in which the fibers are matted in 
all directions. 

Silicates containing the Si40io~* group (or AlSisOio-® if one 
Si is replaced by Al) form infinite sheets of silicon oxygen 
tetrahedra. These may be looked upon as two dimensional 
extensions of the arrangement shown in Fig, 5 to give a 
sheet with the appearance of a wire netting. Such sheets 
held together by positive ions are found in the clay min- 
erals. Double sheets with the vertices of the tetrahedra 
pointing toward each other occur in the mica minerals and 
talc. In the former the sheets are held together by alkali or 
alkaline earth ions, but the latter contains no intermediate 
atoms. In the chlorite the mica-like sheets are separated 
by intermediate magnesium-aluminum oxide layers. 

Silica has been given as an example of a three-dimensional 
network of silicon-oxygen tetrahedra. If one out of every 
four silicons in the structure is replaced by KAl, the result- 
ing feldspar, e.g., KAlSisOs, is a network of Si04 and AIO4 
tetrahedra. The negative charge is neutralized by the potas- 
sium ions which occupy holes in the structure. In addition 
to the feldspar group the zeolite minerals have a three- 
dimensional framework. These structures are, however, 
more open with large cavities and channels. They are ca- 
pable of holding large amounts of water which may be 
driven off readily, and the positive ions which are contained 
in the cavities and balance the negative charge on the 
framework are readily replaceable by other ions. 

23. Pottery and Porcelain. — Mixtures of clay (kaolin- 
ite), quartz, and feldspar, in various proportions and baked 
at various temperatures, form an extensive series of ce- 
ramic products. Most types of pottery or bricks are made 
from naturally occurring clays, which contain sand and 
feldspar. They are usually colored buff or red by iron 
oxide, the white porcelain clays being relatively scarce. 
Upon heating, kaolin is altered, probably losing water, 
according to the equation : H4Al2Si209 = AUSiOs + SiOa 
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+ 2H2O; and around 1200° the feldspar fuses and serves 
to bind the clay and quartz together. The properties of 
the earthenware depend to a great extent upon the tempera- 
ture at which it is baked, and there is often but slight varia- 
tion in composition between different types of products. 
Soft porcelain contains a high per cent of calcium phos- 
phate. Glaze is imparted to the cheaper grades of pottery 
by the introduction of sodium chloride near the end of 
the firing. Other glazes used are fusible lead calcium alu- 
mino-borosilicates, or, in many cases, simple feldspar. 

24. Glass. — Glass is a fused non-crystalline mixture of 
basic oxides and silicon dioxide. The basic oxides are 
usually the alkalies and alkaline earths, but they may be 
substituted in whole or in part by oxides of lead, zinc, 
arsenic, antimony, aluminum, etc. ; and the silicon dioxide 
by boric or phosphoric oxides. Like all super-cooled liquids, 
glass does not have a definite melting point, but softens 
gradually over a range of temperatures. In this viscous 
state, glass niay be blown or rolled into almost any desired 
shape or form. The raw materials which are fused together 
to form glass are sand, or the other acid oxides, and gen- 
erally the carbonates of the basic constituents. 

The manufacture of common soda glass is often 
represented by the equation, 2Na2C03 + CaCOs + 6Si02 
= Na4CaSi60i6 + SCO^, but the product cannot be con- 
sidered as a definite compound. It is used in making bottles, 
window glass, glass tubing, etc. The percentage com- 
position of soda glass is approximately: Si02, 71-78; Na20, 
12-17; CaO, 5-15; AI2O3, 1-4. The corresponding potash 
glass, also called hard glass, or Bohemian glass, has a 
higher fusing temperature. Potash-lead glass, or flint 
glass, has a high density and index of refraction, and is 
used in making cut glass articles. Pyrex glass is very high 
in the acid oxides: Si02, 80 per cent, B2O3, 12 per cent, with 
the balance Na20 and AI2O3. It has a low coefficient of 
expansion, and is, therefore, very suitable for articles sub- 
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ject to sudden changes in temperature. It is also resist- 
ant to chemical action. Jena glass is a zinc-barium boro- 
silicate. 

Glass may be colored by the presence of small amounts 
of metal oxides: chromium or copper giving green; cobalt, 
blue; manganese, violet. A colloidal metal suspension of 
gold gives ruby glass. “Milk glass” usually contains stannic 
oxide or calcium fluoride. 

If glass is held at a high temperature for a long time, a 
certain amount of crystallization may occur (called devitri- 
fication). Thick glass objects must be carefully annealed, 
i.e. cooled very slowly, as the cooling of the outer portions 
more rapidly than the interior will result in great strains 
and the subsequent cracking of the object. 

26. Portland Cement. — ^Although lime mortars have been 
used for centuries, the modem hydraulic cement dates 
back only to about 1825, and its extensive use to about 
1900. The approximate composition of Portland cement 
is given in Table VII. 


TABLE VII 

Composition of Portland Cement 


Oxide 

CaO 

Si02 

AI 2 O 3 

FeaOs 

MgO 

SO 3 

Na20. K 2 O 

Per cent 

58-67 

19-26 

4-11 

2-5 

0-5 

0-2.5 

0-3 


Cement is made by heating a mixture of limestone and , 
clay, or material of equivalent composition, to the point 
of incipient fusion (about 1450° C.). The product, termed 
clinker, is ground with 2-3 per cent of gypsum, added to 
decrease the time of setting, to give the cement. 

The chemical composition appears to be largely the three 
compounds, Ca 2 Si 04 , CasSiOs, and Ca3(A10s)2. Setting 
occurs upon the addition of water, and is due to the hy- 
dration of these compounds. In this action, the tricalcium 
silicate appears to be especially important, as it forms ge- 
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latinous hydrates which gradually harden and cement the 
crystals together. 

The production of cement in the United States in 1938 
was about 100 million barrels. The major portion of this 
was used in mbcture with crushed rock and sand to make 
concrete. 

26. Silicate Analysis. — In detecting the presence of sili- 
con, advantage is taken of the volatility of silicon tetra- 
fluoride. The sample is heated with hydrofluoric acid in a 
lead or platinum dish. If silicon is present, a drop of water 
in a wire loop, placed in the fumes, becomes cloudy owing 
to the formation of silicic acid : 3SiF4 -f 3 H 2 O = H 2 Si 03 
-f- 2H2SiFg. 

Silicates are determined quantitatively by gravimetric 
methods, generally separating silicon dioxide and weigh- 
ing as such. In this process, decomposition of the silicate 
may often be accomplished by digesting with concen- 
trated hydrochloric acid, leaving a residue of silica. Other 
silicates must first be fused with sodium carbonate before 
they can be decomposed by acid. The silica residue may 
be contaminated with BaS 04 , AI2O3, Fe203, Ti02, and 
oxides of certain rare elements; the amount in the mixture 
is often determined by heating with hydrofluoric acid, 
obtaining the silica by loss of weight, due to the volatili- 
zation of the tetrafluoride. 



Chapter XV 


THE METALS OF GROUP IV. TITANIUM, 
ZIRCONIUM, HAFNIUM, THORIUM, AND 
GERMANIUM, TIN, LEAD 

1. The first and second elements of Group TV, carbon 
and silicon, have been discussed in the two preceding 
chapters. The remaining elements of the main group are 
titanium, zirconium, hafnium, and thorium, and of the 
subgroup, germanium, tin, and lead. All of the free ele- 
ments are metals, but both branches of the group show 
many similarities to silicon in their chemical proper- 
ties. 

Titanium and the heavier elements of the main group 
are each the second elements of a transition series in which 
the kernel is being transformed from the noble gas struc- 
ture to the eighteen electron type (Append. XVIII). How- 
ever, the two d electrons are easily removed so that all mem- 
bers of the group show the characteristic -f 4 oxidation 
state. Titanium has also a fairly stable -j- 3 and a less 
stable -t- 2 state. 

The subgroup elements form compounds of both the -f 2 
and -H 4 states, the former becoming increasingly stable 
with respect to the latter with increasing atomic weight. 

The tetroxides of all the elements, except thorium, are 
amphoteric, and those of the main group are, in general, 
somewhat more basic than the oxides of the corresponding 
elements of the subgroup, which is in agreement with a 
slightly larger size of the main group ions, and in both 
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groups the basic character increases with increasing size. 
Like silicon, all of the members of the group form complex 
fluorides, and all the tetrachlorides, except thorium, are 
volatile liquids. 

One of the most striking differences between the two 
branches of the group is the much greater stability of the 
sulfides of germanium, tin, and lead. This stability of the 
sulfides is a general characteristic of the ions with eighteen 
electrons in the outer shell of the kernel (cf. Vn — 2). The 
elements of Subgroup IV resemble those of Subgroup III 
in not forming complex ions with ammonia. 

Cerium is often discussed in connection with Group IV, 
but it should be included in the rare earths, although it 
does form a dioxide which resembles in many respects the 
dioxides of zirconium and thorium. 

TITANIUM, ZIRCONIUM, HAFNIUM, AND THORIUM 

2. Occurrence. — The elements of this group are by no 
means as rare as they have commonly been considered. 
Titanium ranks eighth among the metals in order of abun- 
dance in the igneous rocks, the per cent of the element 
present in the earth’s crust being estimated at 0.43. The 
values for the other elements of the group are: zirconium, 
0.026; hafnium, 3 X 10"®; and thorium, 2 X 10"®. 

The elements do not occur free, but their compounds 
are widely distributed in nature. Because of the sim ilarity 
in chemical behavior between these elements and silicon, 
their presence in rocks is often overlooked. 

The most important titanium ores are ilmenite, FeTiOs, 
rutile, Ti02, and arizonite, Fe 203 ' 3 Ti 02 . Metatitanates of 
ferric iron, calcium, magnesium, manganese, and lead, also 
occur. Titanosilicates such as sphene, CaTiSiOe, are com- 
mon, and less frequently borotitanates and titanoantimo- 
nates. The annual world production of the oxide is about 
225,000 tons: the major portion is consumed in the manu- 
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facture of white pigments. The sand of certain beaches in 
India is the principal commercial source. 

Zirconium occurs principally as baddeleyite, Zr02, and 
zircon, ZrSi04, the most extensive deposits being located 
in Brazil. Complex zirconates, often containing the other 
members of the group, are also found. Halnium is present 
to the extent of 1 or 2 per cent in practically all primary 
zirconium minerals. Thorium orthosilicate, ThSi04, or 
possibly Th02*Si02, occurs as the black mineral thorite 
and also as the orange colored mineral orangite. These 
thorium ores and also the mineral thorianite, Th02, fre- 
quently contain uranium oxides, UO2 and U2O3. The 
principal source of commercial thorium is monazite sand 
(see Rare Earths). 

3. The Metals. — ^The electro-positive nature of the ele- 
ments, together with their great tendency to form carbides, 
nitrides, and silicides at high temperatures, renders the 
preparation of the metals extremely difficult. The reduc- 
tion of the chlorides or potassium complex fluorides by 
heating with sodium in steel bombs gives a comparatively 
pure product. The Goldschmidt reduction with aluminum 
gives aluminum alloys. In the case of titanium, the alloy 
contains 5 or 6 per cent aluminum, but if iron is present, 
the product is largely ferro-titanium. Zirconium may be 
separated from the aluminum alloy by distillation. The 
reduction of titanium dioxide by carbon in an electric 
furnace yields a mixture of the metal and carbide. Ferro- 
carbontitanium is made by the reduction of mixtures of 
iron and titanium oxides. Thorium is best prepared by 
reduction of the dioxide with calcium in the presence of 
calcium chloride in a bomb, and by the electrolysis of the 
fused complex fluoride K2ThF6. 

The lighter metals are described as hard and brittle, 
though these properties may be due, in part, to the presence 
of impurities. Thorium is soft and malleable. The metals 
titanium, zirconium, and hafnium appear to have the hex- 
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TABLE I 

Atoms and Physical Properties 



Ti 

Zr 

Hf 

Th 

Atomic weight 

47 90 

91.22 

178.6 

232.12 

Atomic number 

22 

40 

72 

90 

Isotopes 

46, 47. 48, 
49. 50 

90, 91, 92, 

94, 96 

176, 177, 
178, 179, 
180 

(228) (230) (232) 
(234) 

Melting point, ® C 

1800 

1700 

1700 

1845 

Boiling point, “ C 

> 3000 

> 2900 

> 3200 

> 3000 

Density 

4.5 

6.4 

11.4 

11.2 

Electrical resistivity, ohm-cm, . 
Radius of ion in crystals, 

3 X 10-« 

170 X 10-8 

1 

18 X 10-6 

cm. X 108 

0.68 

0.80 

— 

1.1 


agonal close packed form of crystal lattice, while thorium 
has a face centered cubic lattice. Titanium is almost as 
good an electrical conductor as aluminum. 

There are practically no commercial uses of the pure 
metals. Ferrotitanium is used extensively in the steel 
industry; the titanium is considered extremely valuable in 
removing nitrogen (by forming nitride) from, and in im- 
parting toughness to steel. Ferrozirconium is an excellent 
scavenger for oxygen and sulfur and also improves the 
grain size in steel. 

4. Reactions of the Metals. — ^The reactions of the metals 
are summarized in Table 11. At ordinary temperatures, 
they are not very reactive, being oxidized but slowly by 


TABLE II 


Reactions of Ti, Zr, Hf, and Th 


M + O2 = MO2 
M + 2X2 = MX4 
M + 2H2O = MO2 -f 2H2 
M -h 4 HF + MF4 4 - 2H2 
M + 4 HC 1 - MCI4 + 2H2 

M 4 * Ha - MHa 
M 4 “ 2 S = MS2 

3 M + 2N2 = M3N4 
M 4 - 2H2O = MO2 4 - 4 H+ 4 - 4 e- 


Burn when heated 
With halogens when heated 
With steam 
Not rapid with Th 

With hot concentrated acid, but Ti gives 
TiCls 

TiH 2 doubtful. Th gives ThHi 
Also react with P, C, B, and Si at high 
temperatures 
Also MN 

Potential in volts, Ti, 0.95; Zr, 1.43; 
Th, 1.80; Hf, 1.57 
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oxygen or by hydrogen ion. Measurements of the electrode 
potentials of the group are unreliable because of the diffi- 
culties in obtaining equilibrium conditions. In spite of its 
highly electropositive character zirconium is not readily 
soluble in nitric acid. 

Titanium Compounds 

5. Oxidation States. — ^Titanium forms compounds in 
-which it has the oxidation states of 2, -j- 3, and + 4. 
Important oxidation-reduction potentials relating the states 
are given below: 


Volts 

Ti-Ti++ + 2e” 1.75 

Ti++ = Ti+++ + e- 0.37 

HaO + Ti+++ = TiO++ + 2H+ + e- 0.1 

6F~ + Ti = TiFe— + 4e- 1.24 


The -f 2 State. — The oxide, TiO, is prepared by the 
high temperature reduction of the dioxide by carbon or 
magnesium. It is basic, but its salts are readily oxidized 
in solution by hydrogen ion unless the acid concentration 
is very low. The dichloride may be formed at high tempera- 
tures by the decomposition of the trichloride: 2TiCl3 
= TiCla -F TiCh. 

7. Compounds of the -1- 3 State. — ^The sesquioxide is 
formed in the reaction: 2Ti02 -f H2 = Ti203 •+- H2O. It 
also is basic. The corresponding titanous hydroxide, 
Ti(OH)3, is precipitated upon the addition of alkalies to 
titanous salts in solution. This hydroxide is a very powerful 
reducing agent (Par. 5). It evolves hydrogen to form the 
dioxide: Ti(OH)3 = Ti02 + H2O + IH2; and reduces ni- 
trate in alkaline solution to ammonia: 8Ti(OH)3 -1- NOs" 
= NH3 + 8Ti02 H- OH“ -f IOH2O. Anhydrous trihalides 
may be prepared by reducing the tetrahalides at moder- 
ately high temperatures, e.g., TiCU -+• Ag = TiCh + AgCl. 

Solutions of titanous ion, Ti"'"'^, are readily prepared 
from solutions of titanic salts by electrolytic reduction, or 
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by the reducing action of zinc upon the hot solution. Ti- 
tanous solutions are violet. Titanous solutions are impor- 
tant as volumetric reagents, as they are oxidized quanti- 
tatively by many oxidizing agents, e.g., Fe"*^ and MnOi". 
Titanous ion is much less hydrolyzed than the titanic ion. 
The formation of the slightly soluble hydroxide has been 
discussed above. The cesium titanous alum, CsTi(S04)2 
•I2H2O, is but sparingly soluble. 

8. Compounds of the -f 4 State. — ^The dioxide occurs 
in nature in two tetragonal forms, rutile and anatase, and 
also in a rhombic form called brooldte. The pure oxide is 
white, but natural rutile is usually brown or black. The 
arrangement of the atoms in the rutile crystal lattice is 
given in Appendix V. This is the common crystal form of 
compounds MX2 when the ratio of the diameter of M to 
X is < 0.6. When this ratio is greater, the arrangement 
is generally that of fluorite. 

The fused oxide is difficult to dissolve, but the hydrated 
forms dissolve readily in acids and slightly in alkalies. 
However, the chemistry of the titanium minerals is essen- 
tially that of an acid oxide. The oxide fused with metal 
oxides or carbonates yields titanates, e.g. CaTiOa, Ba2Ti308, 
ZnTiOs, Zn2Ti03, PbTiOs, Mn2Ti04. The potassium 
metatitanate, K2Ti03, is soluble in cold water, but upon 
boiling, the titanium is completely precipitated as the 
dioxide. The dioxide has become one of the most im- 
portant white pigments. It is used in ceramics to make 
a yellow glassware. The hydrous oxide is an important 
mordant. 

When an acid solution of a titanium salt is made alka- 
line, a hydrogel is formed. Upon aging, the gel gives an 
X-ray pattern corresponding to that of anatase. Hydrous 
oxide formed by the hydrolysis of TiCU appears to be the 
rutile modification. The precipitated gel, often referred to 
as ortho- or a-titanic acid, is readily soluble in acids. So- 
called meta- or ^-titanic acid, an insoluble form, is obtained 
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by the action of nitric acid upon the metal. (Cf. si mil ar 
stannic acids.) 

The addition of hydrogen peroxide to a solution of the 
sulfate yields the complex orange peroxy ion Ti02 (804)2 — . 
The peroxy-acid, H4Ti06 has been precipitated from am- 
monia solutions and the salt K4Ti08 is known. 

9 . The anhydrous halides are prepared by direct reaction 
of the elements, or by the action of the halogen upon heated 
mixtures of the oxide and carbon, e.g. Ti 02 + C -f- 2CI2 
= TiCh -t- CO2. Water solutions are prepared by dis- 
solving the hydrated oxide in concentrated hydrohalic acid, 
but in dilute acid the halides readily hydrolyze to the diox- 
ide. The tetrachloride is employed for producing smoke 
screens. The smoke particles are largely TiCl 4 - 5 H 20 . The 
lighter halides form complex ions, e.g., TiFe and Tide . 
Potassitim fluorotitanate, K2TiF6, is but slightly soluble. 

10 . The hydrated dioxide dissolves in sulfuric acid solu- 
tions. In dilute acid, the sulfate hydrolyzes to form basic 
sulfates, e.g., Ti20(S04)3*3H0andTi0*S04'nH20. Similarly 
basic nitrates and phosphates exist, and the phosphates 
form a number of double basic compounds, e.g., potassium 
titanyl phosphate, K(Ti0)P04. 

The addition of soluble sulfides to titanium solutions 
results in the precipitation of the dioxide, but the sulfide 
may be formed by heating chloride and hydrogen sulfide 
vapors together: TiCU -t- 2H2S = TiS2 + 4 HC 1 . The sul- 
fide does not form polysulfides with alkali sulfides. At 
high temperatures, the element unites with sulfur, forming 
TiS and Ti2S3. 


Zirconium Compounds 

11 . Zirconium forms the dioxide and possibly two oxides 
of lower oxidation states, but the evidence in favor of these 
is of doubtful nature. The dioxide occurs in nature as the 
mineral baddeleyite. Like titania, it reacts with fused hy- 
droxides and carbonates, forming insoluble zirconates, e.g.. 
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NazZrOs, CaZrOs, PbZrOs. The oxide is widely used in 
ceramics as a constituent of enamels. The hydrated oxide, 
usually regarded as zirconium hydroxide, Zr(OH)4, is formed 
as a hydrogel upon the addition of alkali to solutions of 
zirconium salts. The hydroxide is readily soluble in acids 
and somewhat soluble in cold concentrated alkali, with 
which it reacts mainly to form insoluble zirconate. Hydro- 
gen peroxide reacts with the hydroxide to form the hydrated 
peroxide, probably H4Zr06. In sulfuric acid solution the 
complex peroxysulfate, 02Zr02S04Zr02, appears to be 
formed. 

The tetrahalides resemble those of titanium in properties 
and methods of formation. Basic halides are obtained upon 
evaporation of the water solutions of the halides, e.g., 
zirconyl chloride, ZrOCl2. The latter is employed in tan- 
ning. Many slightly soluble fluorozirconates are known, 
e.g., K2ZrF6, BaZrFe, and also less stable chlorozirconates. 

Reduction of the tetrachloride with aluminum at 300° 
yields the trichloride, ZrCU, and at higher temperatures, 
the dichloride, ZrCU, but these compounds cannot be 
formed in water solutions. 

Zirconium sulfides, sulfates, nitrates, and phosphates 
resemble closely the corresponding titanic compounds. The 
normal sulfate may be crystallized from concentrated sul- 
furic acid solutions, and many basic and double sulfates 
are known. Hydrogen reacts with zirconium at red heat, 
apparently forming the unstable hydride, ZrH2. 

The naturally occurring silicate, ZrSi04, known as zircon 
or jargon, is valued as a jewel. On account of their luster 
and hardness (7.5) zircons are employed as substitutes for 
diamonds. They occur in a great variety of colors, red, 
green, blue, and white. 

Hafnium Compounds 

12. Hafnium resembles zirconium so closely that the 
presence of several per cent of hafnium in the zirconium 
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compounds was not discovered until 1923, although the 
chemistry of zirconium was carefully investigated during 
the preceding century. Any compound formed by the one 
element appears to be formed by the other, and, as a rule, 
the melting points, boiling points, and solubilities of the two 
compounds are very similar. Hafnium dioxide and hydrox- 
ide appear to be slightly more basic than the zirconium 
compounds. 


Thorium Compounds 

13. Thorium dioxide, or thoria, appears to possess no 
acid properties, even when fused with alkali, and in this 
respect differs from the other members of the group. The 
unhydrated oxide dissolves but slowly in acids, but the hy- 
drated form, Th02*2H20, or thorium hydroxide, Th(OH) 4 , 
is readily soluble in acids. The hydroxide is formed as a 
gelatinous precipitate upon the addition of alkali hydrox- 
ides or ammonia to thorium salts in solution. Lower oxides 
have not been prepared, but a hydrated peroxide is formed 
by the action of hydrogen peroxide upon solutions of tho- 
rium salts ; the formula appears to be, Th 207 * 4 H 20 . 

Mixtures of thorium and cerium dioxides, heated to a 
high temperature, exhibit a brilliant white luminescence, 
the maximum emissivity being obtained with about 1 per 
cent of cerium dioxide. Advantage is taken of this fact in 
the Welsbach gas mantles, which are manufactured by 
saturating fabric with the nitrates of these metals. When 
ignited, the oxide residue retains the shape of the original 
fabric. A few per cent of beryllium and magnesium ni- 
trates are usually added to give the ash greater strength. 
The dioxide is employed in the manufacture of laboratory 
crucibles to stand temperatures as high as 2300° C. 

The tetrahalides are prepared by methods characteristic 
of the group. The fluoride, ThF 4 , and its hydrate, ThF 4 
• 4 H 2 O, are very slightly soluble, as is also the potassium 
fluorothorate, K2ThF64H20. Various hydrates of the 
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tetrachloride may be crystallized from aqueous solution, 
providing sufficient acid is present to prevent the precipita- 
tion of basic chlorides. Lower valent halides have not been 
prepared. The sulfide may be made by the action of sulfur 
or hydrogen sulfide upon the heated metal. It is not stable 
in water solutions. The anhydrous sulfate is very hygro- 
scopic and forms hydrates containing 9, 8, 6, 4, and 2 moles 
of water. The nitrate, Th(N03)4T2H20, may be crystal- 
lized from concentrated acid solutions, and the phosphate, 
Th3(P04)4'4H20, is formed as a gelatinous precipitate by 
adding sodium phosphate to a solution of a thorium salt. 
Both the nitrate and phosphate form many double salts, 
e.g., KTh(N03)5*9H20, and NaTh2(P04)3. Normal thorium 
carbonate has not been prepared, but a number of basic 
carbonates and complex carbonates are known, e.g., ThO 
•C03*2H20, and (NH4)2Th(C03)36H20. The basic carbon- 
ates are soluble in excess ammonium carbonate, probably 
with the formation of complex carbonate. The iodate, 
Th(I03)4, is but slightly soluble and resembles the corre- 
sponding ceric compound. 

14. Analytical. — Titanium may be extracted from its ores 
by alkaline fusion, followed by digestion in acid, or by fu- 
sion with potassium acid sulfate and extraction with water. 
The addition of hydrogen peroxide to a sulfuric acid solu- 
tion of titanium produces the characteristic yellow or orange 
color of the peroxy-acid. Titanic solutions may be reduced 
to the violet -f 3 state by zinc in hot acid solution, and the 
titanium may be determined quantitatively by titrating 
this solution with permanganate. Titanium hydroxide is 
precipitated by the addition of alkalies, ammonia, and 
soluble carbonates and sulfides to solutions of titanium 
salts. If formed in cold solution, it is readily soluble in acids, 
and somewhat soluble in excess alkali. Precipitated from 
hot solution, it is not rapidly soluble in acid. 

Zirconium and hafnium ores may be got into solution by 
methods similar to those given for titanium. The two ele- 
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ments may be separated from iron, aluminum, beryllium, 
titanium, and thorium by precipitation from highly acid 
solutions, as the very slightly soluble zirconyl and hafnyl 
phosphates, Zr0(H2P04)2. Alkalies precipitate zirconium 
and hafnium hydroxides, which are not soluble in excess of 
the reagent. Ammonium oxalate or oxalic acid precipitate 
the oxalates, soluble in excess of the reagents. Separation 
from iron may be accomplished through the slight solubil- 
ity of the potassium complex fluorides. 

Hafnium and zirconium are extremely difficult to sepa- 
rate from each other. The greatest difference in the solu- 
bilities of their compounds appears to exist in the citrates, 
the hafnium salt being the more soluble. Separation may 
also be carried out through the fractional precipitation of 
the phosphates, oxychlorides, and the ammonium and potas- 
sium complex fluorides. The per cent of hafnia and zirconia 
in a sample may be estimated by determination of the 
density of the oxide mixture. The values for the pure oxides 
are Zr02, 5 . 73 , and Hf02, 9 . 68 . 

Thorium is readily extracted from its ores by digestion 
with hydrochloric or sulfuric acids. Ammonia and the alka- 
lies precipitate the hydroxide, which is not soluble in excess 
of the reagent. Thorium and cerium are separated from the 
rare earths through the very slight solubilities of the io- 
dates, Th(I03)4 and CeflOs)*, even in rather concentrated 
acid. Other slightly soluble compounds are: K4Th (804)2 
•2H2O, Th0-C03-8H20, K2ThF64H20, Th(C204)2, Tha- 
(P04)4'4H20, and ThFe(CN)6. 

GERMANIUM, TIN, AND LEAD 

16 . Occurrence. — ^The elements of this group constitute 
but a very small portion of the igneous rocks, the estimated 
percentages being germanium, 10““, tin, 10“®, and lead, 
2 X 10 “®. They do, however, occur frequently in workable 
deposits. 
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Germanium is found in many sulfide ores, especially those 
of silver, lead, tin, antimony, and zinc. In a number of ores 
definite sulfide complexes appear to be present, such as 
Ag4GeS6 and Pb2GeS4. An English coal ash has been re- 
ported which contains 1.6 per cent GeOa. 

The most important tin mineral is the oxide, Sn02, called 
cassiterite. Deposits of cassiterite in Cornwall, England, 
were worked as early as 1000 B.C. by the Phoenicians. The 
principal sources of the metal at present are mines in the 
Malay States, Bolivia, and the Dutch East Indies. Tin also 
occurs as complex sulfides, e.g., SnCu2"FeS4, Pb6Sn2'Sb2Si2, 
and AgsSnSe, and as complex oxides, e.g., CaSn04(B0)2 and 
Ca0'Sn02*3Si02'2H20, but these minerals are of slight im- 
portance. 

The principal lead ore is the sulfide or galena, PbS, 
and this is generally associated with sulfides of silver, copper, 
arsenic, antimony, bismuth, and tin. Other common ores 
are cerussite, PbCOs, and anglesite, PbS04, which appear 
to have been formed by the weathering of sulfide ores. 
Complex oxides and oxychlorides of the metals of Groups 
V and VI also occur. 


TABLE III 

Atomic and Physical Properties of Germanium, Tin, and Lead 



Ge 

Sn 

Pb 

Atomic weight 

72.60 

118.70 

207.22 

Atomic number 

32 

50 

82 

Isotopes 

70, 72, 73. 
74,76 

! 112,114,115, 
116,117,118, 
119, 120, 122, 
124 

204, 206, 207, 
208 

Melting point, ® C 

958 

231.8 

327,5 

Boiling point, ® C 

2700 

2260 

1620 

Density, g.c/c 

Electrical resistivity, ohm-cm, at 

5.36 

W 7.31 

G 5.75 

11.34 

20° C 

Size of ion in crystal, cm. 

89 X 10-8 

11.4 X 10-8 

21.9 X 10-8 

X 108 (if Cl- = 1.81) 

Ionization Potentials, 

0.53 

0.71 

0.84 

1st electron 

8.09 

7.30 

7.38 

2d electron 

15.86 

ca 14.5 

14.96 
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16. Metallic Germanium. — The metal may be prepared 
by reduction of the dioxide with carbon at red heat, or by 
the reduction of the oxide or sulfide by heating with po- 
tassium cyanide. Germanium is a greyish-white metal, 
rather hard and brittle. It forms good tarnish resisting 
mirrors. X-ray data for the solid indicate that the atoms 
are arranged in a modified diamond structure. The metal 
is not a good electrical conductor. 

17. Tin. — Cassiterite is easily reduced to the metal by 
smelting with carbon in a reverberatory furnace : SnOz C 
= Sn -}- CO 2 . The liquid metal is drawn off from the fur- 
nace and cast into molds. The greatest difficulty in the 
metallurgy is the purification of the ore before smelting. 
This is carried out by roasting, to remove sulfur and arsenic, 
and if tungsten is present, the ore is fused with sodium 
carbonate and the tungsten extracted with water. The 
crude metal usually contains some compounds of iron and 
arsenic, which may be removed by carefully melting the 
ingots (liquation), as the compounds melt at temperatures 
somewhat higher than the pure metal. The annual pro- 
duction of tin is about 170,000 tons. 

Tin exists in three solid forms, with definite transitions 
as summarized in the following scheme ; 

18° 161° 232° 

Sna = Sn/S = Sny = Sn (liquid) 

The ;8-form is the ordinary white tin. The transition of 
white tin to a or grey tin is slow at the transition tempera- 
ture, but at — 50° the transformation is complete in a few 
days if a little of the latter form is present to start the 
reaction. The transition is accompanied by an increase in 
volume, and the product is a brittle substance which is 
readily powdered. The phenomenon was first observed in 
cold countries in the disintegration of organ pipes and 
other tin objects, and was called “tin disease.” Grey tin 
is cubic, with the diamond lattice structure, while white 
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tin is tetragonal with a ditetragonal-bipyramidal lattice. 
r-Tin belongs to the rhombic system. 

White tin is very malleable, and may be rolled into thin 
sheets called tinfoil, which is used extensively for wrapping. 
It is very resistant to corrosion, whence its use in tinning 
iron and copper surfaces. Tin does not, however, give the 
galvanic protection afforded by zinc (cf. VII — 4), since tin 
is not a more powerful reducing agent than iron. Tin forms 
many useful alloys. (See Table IV and also Copper and 
Bismuth.) 

18. Lead. — ^The metallurgy of lead is concerned largely 
with the reduction of the sulfide, and this may be brought 
about in several ways. (1) Part of the sulfide may be roasted 
to the oxide, PbO, or sulfate, PbS 04 , and the oxidized ore 
heated with more of the sulfide: 2 PbO + PbS = 3Pb + SO 2 ; 
and PbS 04 + PbS = 2Pb + 2 SO 2 . (2) The ore may 

be roasted to the oxide and this reduced with carbon 
or carbon monoxide: PbO + CO = Pb + CO 2 . (3) The 



0 20 40 so 80 100 

Per cent Pb 


sulfide may be reduced by 
heating with scrap iron : PbS 
+ Fe = Pb + FeS. The iron 
may be added as such, or it 
may be produced in the fur- 
nace from a mixture of iron 
oxides and carbon. In the 
United States, the ore is gen- 
erally first concentrated by 
“flotation” (cf. Vn— 6), and 
the smelting process is a 
combination of the three 
methods outlined above. A 


Fig. 1. Lead-tin temperature- 
composition curves. 


mixture of part roasted and 
part unroasted ore with iron 


oxide and carbon is heated in a blast furnace. Copper 
present collects in the iron sulfide matte, while silver 


and gold dissolve in the molten lead. In the refinement 
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of the crude blast furnace lead, the more electropositive 
impurities are generally removed by melting the metal 
and keeping it molten for several hours with frequent 
stirring. The impurities, when oxidized, rise to the sur- 
face and are skimmed off. Some lead, especially if high 
in bismuth, is now refined electrolytically, using as 
an electrolyte a solution of lead fluosilicate. The crude 
lead serves as the anode, and a bag about the anode 
collects the “mud” from which bismuth and the noble 
metals are recovered. The annual production of lead is 
about 1,500,000 tons, of which about one fourth is produced 
in the United States. 

Ordinary lead is very largely a mixture of the two iso- 
topes, 208 and 206. Lead extracted from uranium ores is 
largely the lower isotope, and has a density of 11.27 as 
compared with 11.34 for ordinary lead. The crystal lattice 
of the metal is of the face centered type. The metal is so 
soft that it can be squirted, under pressure, into pipes and 
even into fine wire or rolled into thin sheets, but it lacks 
tensile strength. Lead may be hardened by the addition 
of antimony or the alkaline earth metals. The most im- 
portant industrial uses of lead are in the manufacture of 
storage batteries, preparation of white lead and other pig- 
ments, manufacture of cable coverings, in plumbing, and 
in acid works. Important alloys of lead are listed in 
Table IV. 

TABLE IV 

Alloys of Tin and Lead 

Britannia Sn 90, Sb 10 Hard metal, Pb 90, Sb 10 

Babbitt Sn 90, Sb 7, Cu 3 Frary metal, Pb 90, Ca 10 

Antifriction Sn 75, Sb 12.5, Cu 17.5 Type metal, Pb 82, Sb 15, Sn 3 

Solder Sn 50, Pb 50 White metal, Pb 75, Sb 14, Sn 10, Cu 1 

Pewter Sn 80, Pb 20 Rose metal, Bi 50, Pb 27.1, Sn 22.9 

Aluminum Battery plate, Pb 94, Sb 6 

solder Sn 86, Zn 9, A1 5 

19. Reactions of the Metals. — ^The metals are powerful 
reducing agents in the presence of an alkaline solution and 
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fairly strong in acid solutions. Pure tin and lead do not 
evolve hydrogen readily with acids due to high over-voltage 
effects (Append. I). Lead is quite resistant to the action 
of even moderately concentrated sulfuric acid, but is readily 
oxidized by oxygen in the presence of various weak organic 
acids, e.g. acetic acid. 


TABLE V 

Reactions of Ge, Sn, and Pb 


M 4- O 2 = MO 2 
M + 2H+ = M++ + H 2 
M + 2S = MS 2 
M + 2 X 2 - MX 4 
M 4- 20H- = MOs-* “ 4- Ha 

M - M++ 4- 2e- 

3Ge 4- 4 HNO 3 = 3Ge02 + 4NO 
4-2H2O 

aSn 4- 4 HNO 3 = 3Sn02 4- 4NO 
4-H2O 

3Pb 4- 8 HNO 3 « 3Pb(N08)2 
4- 2NO 4- 4 H 2 O 
Pb + 2 CH 3 CO 2 H 4- iOa 
« Pb(CH3C02)2 4- H 2 O 
Pb 4- 2 H 2 O 4- O 2 - Pb(OH)2 
4 -H 2 O 2 


Lead forms PbO or Pb 304 
Not with Ge. Slowly with Sn and Pb 
Lead forms only PbS 
With halogens, except PbL 
Slowly with Sn and Pb. Ge forms 
GeOs 

Ge ca. 0.25, Sn 0.14, Pb 0.13 (values 
in volts) 


Forms slightly soluble metastannic 
acid 


Also with other acids 

Slowly at moderate temperatures 


Germanium Compounds 

20 . Germanium dioxide, GeO^, is readily formed by 
roasting the sulfide minerals. The oxide is not soluble in 
nitric or sulfuric acids, but is dissolved when heated with 
concentrated hydrofluoric or hydrochloric acids with the 
formation of volatile tetrahalides. The halides are hydro- 
lyzed in water with the precipitation of the hydrated dioxide, 
except the fluoride, which forms a mixture of the dioxide 
and fiuogermanic acid, H2GeF6. The potassium salt, 
K2GeF6, is but slightly soluble. The dioxide is soluble 
in alkalies forming germanates, e.g. NaQGeOs. 

Germanium disulfide, GeS*, may be precipitated in strong 
sulfuric acid by hydrogen sulfide, but yields a colloidal 
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suspension in dilute acid. It is soluble in alkali sulfide, 
forming thiogermanates. 

Germanium resembles silicon in the formation of an 
unstable hydride, GeH 4 , and also traces of the heavier 
compounds, Ge 2 H 6 and GesHs, when germanium com- 
pounds are reduced with aluminum in alkaline solution. 
The metal heated in a stream of hydrogen chloride forms 
germanium chloroform, GeHCls. This compound hy- 
drolyzes to form germanous acid, which appears to re- 
semble formic acid in structure: GeHCU -b 2 H 2 O = 3HC1 
-b HGeO(OH). The acid is soluble in alkalies, forming 
germanites, and upon heating forms germanous oxide, 
GeO, which possesses basic properties in that it is soluble 
in acids. Germanous halides and the sulfides may be 
prepared by igniting strongly the -b 4 compounds, e.g. Gel 4 
= Gel 2 -b I 2 . The germanous ion is readily oxidized, 2 H 2 O 
-b Ge++ = Ge02 -b 4H+ -b 2e~, ca. 0.2 volt. Germanite 
ion is said to be unstable with respect to its own oxidation 
and reduction. The compound (GeOOH )2 analogous to 
oxalic acid is known. The reaction of CaGe with HCl 
produces polymers of GeH 2 . 

Compounds of Tin 

21. Oxidation States. — ^The stability of the two oxida- 
tion states of tin in respect to oxidizing and reducing agents 
is indicated by the following potentials: 


Volts 

Sn = Sn++ + 2e- +0.13 

Sn++ = Sn++++ + 2^- ~ 0.13 

30H- -H Sn = HSnO, -b HaO + 2e- - 0.79 

HaO -h 30H- -b HSnOa- = Sn(OH)o— -]- 2e- 0.96 


It follows from these values that the equilibrium, Sn 
-b Sn++++ = 2Sn'*"‘’, favors the reaction as written, that 
is, soluble stannic compounds may be reduced to stannous 
by the metal. The equilibrium is reversed in alkaline solu- 
tions: 2 H 2 O -b 2HSn02“ = Sn -b Sn(OH)6 . 
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22. Oxides and Hydroxides. — ^The dioxide, Sn02, is the 
principal tin ore. The crystal lattice is similar to rutile. 
When fused with alkalies, the oxide forms stannates, e.g., 
Na2Sn03. The alkali stannates are soluble in water, and 
upon the addition of acid to the solution precipitate 
“a-stannic acid” or a-hydrous oxide. This acid or hydrous 
oxide is amphoteric, and readily dissolves in excess of either 
base or acid. 

Another hydrous oxide, ;8-oxide (also called metastannic 
acid) is formed by the action of nitric acid upon tin or by 
the hydrolysis of stannic salts in hot solutions. This com- 
pound is not soluble in excess of any acid, but is peptized 
by concentrated hydrochloric acid to form a sol which may 
be dissolved in dilute acid. The composition of the two 
“acids” appears to be the same, the different behavior 
being due to differences in physical state. X-ray diffrac- 
tion patterns of both are identical with cassiterite. Sodium 
hydroxide dissolves the |3-oxide. 

23. Staimous oxide, SnO, may be prepared by heating 
stannous hydroxide or oxalate, or by heating the metal 
in a limited supply of oxygen. It bums when heated in 
air to form the dioxide. Hydrous hydrated stannous oxide, 
probably Sn0-|H20, is precipitated by the addition of 
alkalies to stannous solutions. It is also amphoteric, dis- 
solving in alkali hydroxides, but not in ammonia or soluble 
carbonates. Solutions of stannites are powerful reducing 
agents. 

24. Peroxystannic acids, H2Sn207 and HSn04, and their 
salts, are formed by the action of peroxides on stannic 
solutions, or by the anodic oxidation of cold solutions of 
alkali stannates. 

26. Halides. — The anhydrous stannic halides may be 
prepared by the action of the halogens on the metal and 
aqueous solutions of the salts by dissolving stannic oxide 
in the hydrohalic acid. Complex halidostannates are 
formed in solution and a number of these soluble salts may 
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be obtained upon crystallization, e.g., K 2 SnF 6 . Stannic 
chloride is important commercially as a mordanting agent. 
It crystallizes from an acid solution as SnCl4'5H20 although 
the anhydrous compound is a liquid. The amm onium 
chlorostannate, (NH4)2SnCl6, is also used in dyeing under 
the name “pink salt.” 

Staimous halides are readily prepared from the stannic 
by reduction with tin, or by dissolving the metal in the 
halogen acid. The solutions are readily oxidized by air. 
Stannous chloride is also important as a mordant. The 
salt is very soluble in water, but forms the basic salt, 
Sn(OH)Cl, unless acid is present to prevent hydrolysis. 

26. Sulfides. — Stannous and stannic sulfides may be 
prepared by fusing the elements together, but the latter is 
unstable at high temperatures: SnS 2 = SnS + S. Hydro- 
gen sulfide precipitates brown stannous and yellow stannic 
sulfide from dilute acid solutions of stannous and stannic 
salts respectively. Both sulfides are soluble in concen- 
trated hydrochloric acid but stannic sulfide, being the more 
acid in nature, is the less soluble of the two. The disulfide 
is amphoteric and dissolves in excess of sulfide to form 
thiostaimates: SnS 2 -[- S = SnSs . The stannous sul- 
fide is not soluble in excess sulfide unless polysulfide is 
present, in which case it is oxidized to thiostannate: SnS 
+ Si = SnSa . The thiostannates are not stable in 
acid solution : SnSs + 2H+ = H2SnS3 = H 2 S + SnS 2 . 

Stannic sulfide has long been used as a gilding pigment 
under the name of mosaic gold. The preparation is carried 
out by heating together a mixture of tin, sulfur, ammo- 
nium chloride, and mercury. The exact action of the two 
latter substances is uncertain, but they volatilize and leave 
the sulfide as brilliant yellow crystals. 

27. Other Tin Compotmds. — Small amounts of the hy- 
dride, SnH 4 , are formed by the cathodic reduction of tin 
in dilute acid solution, and by the action of acid upon 
tin-magnesium alloy. Both stannous and stannic carbon- 
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ates are completely hydrolyzed to the hydroxides. Both 
of the nitrates and the sulfates are formed in solution by 
the action of the acids upon the hydroxides, but they are 
difficult to crystallize without the formation of basic salts. 
Slightly soluble stannous phosphate, Sn6H2(P04)4‘3H20, 
may be precipitated from slightly acid stannous chloride 
by sodium acid phosphate, and a number of slightly soluble 
basic and double stannic phosphates are known. 

Lead Compounds 

28 . Oxidation States. — The most important oxidation re- 
duction potentials for lead are given below: 


Volts 

Pb - Pb++ + 2^- +0.126 

Pb + SOr' = PbS 04 + 2e~ + 0.355 

Pb + 30H- - HPbOs- + H 2 O + 2e” + 0.54 

Pb++ + 2 H 2 O = PbOa + 4H+ + 2e- - 1.456 

PbS 04 + 2 H 2 O = Pb02 + 4H+ + SO 4 — + 2e- - 1.685 

PbO + 20H- == PbOa + H 2 O + 2e- - 0.25 


It follows that lead is a fair reducing agent in acid solutions, 
and a strong reducing agent in alkaline solutions, and that 
the dioxide is an extremely powerful oxidizing agent in 
acid solutions but much weaker in alkaline solutions. 

29 . Oxides and Hydroxides. — Lead forms the monoxide, 
PbO, and the dioxide, Pb 02 . Two additional oxides appear 
to be plumbous plumbate salts, the trioxide, Pb203 being 
PbPbOa, and red lead, Pb304, being Pb2Pb04. The exist- 
ence of a so-called suboxide or its salts is extremely doubtful. 

The monoxide, or litharge, orange-yellow, is prepared by 
heating the metal in air; and around 550 ° C. the other oxides 
evolve oxygen to form the monoxide. The oxide is soluble in 
acids and alkalies, forming respectively plumbous, Pb++, 
and plumbite, HPb02~, ions, and the addition of alkalies 
and acid, respectively, to these solutions, precipitates the 
“hydroxide,” or hydrous hydrated oxide, possibly PbO 
*|H 20 , which is soluble in excess of either reagent. The 
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“hydroxide” is more basic than stannous “hydroxide” as 
is indicated by the formation of a carbonate. 

Litharge is used in glazing pottery and in making glass. 
A mixture with glycerine is sometimes used as a cement, 
since it sets to a solid lead glyceride. 

Red lead or minium is made by carefully heating the 
monoxide at temperatures below 500°. The composition 
of the product varies with the temperature of roasting, a 
maximum of Pb02 (33 per cent) is obtained at about 
430°. When treated with nitric acid, it is decomposed: 
Pb304 + 4HNO3 = 2Pb(N03)2 + Pb02 + 2H2O. Red lead 
is used in making flint glass, and as a red pigment. Struc- 
tural iron is often given a first coat of red lead paint as it 
serves very effectively to protect the iron from corrosion, 
due possibly to the iron becoming passive. 

30 . Lead dioxide may be prepared from red lead as 
indicated above, but it is most readily formed by the oxi- 
dation of lead monoxide or plumbites in dilute alkali solu- 
tions, e.g., PbO + C10~ = Pb02 -j- Cl“. The oxide is also 
readily prepared by the anodic oxidation of solutions of 
plumbous ion. The dioxide has the rutile type of crystal 
lattice, and is a fair electrical conductor. It is only slightly 
soluble in water and is comparatively inert toward hydro- 
gen and hydroxide ions. Concentrated alkalies do, how- 
ever, dissolve the oxide forming plumbates, and soluble 
metaplumbates may be formed by fusing the oxide with 
alkalies. Many plumbates, both ortho and meta, of the 
more basic 2 oxides have also been prepared. The 
oxide is slowly soluble in dilute nitric acid, but the tetra- 
valent lead ion oxidizes water with the evolution of oxygen. 
Cold concentrated hydrochloric acid forms liquid tetrachlo- 
ride, but at ordinary temperatures chlorine is evolved. For 
the use of the dioxide in the lead storage battery, see Para- 
graph 38 . 

31 . Lead Halides. — Lead tetrafluoride is formed upon 
heating the dioxide with potassium acid fluoride, although 
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the product does not appear to be the pure compound. 
The formation of the tetrachloride is discussed in the pre- 
ceding paragraph. In dilute acid, both halides are hydro- 
lyzed to the dioxide; in the concentrated halogen acids, 
the fluoplumbic acid, HaPbFe, and chloroplumbic acid, 
H 2 PbCl 6 , are formed. Alkali salts of both of these acids 
have been prepared. 

The plumbous halides are but sparingly soluble in cold 
water, but the chloride and bromide are readily soluble in 
hot water, and the iodide partially soluble. The solubility 
of the halide is decreased in dilute solutions containing the 
halogen ion but is increased in concentrated solutions, doubt- 
less with the formation of complex ions, such as PbCU . 

32. Nitrate. — The nitrate, Pb(N 03 ) 2 , is readily soluble, 
but unless a slight excess of acid is present to prevent 
hydrolysis, basic nitrates are precipitated. 

33. Acetate. — ^The acetate, Pb(C 2 H 302 ) 2 * 3 H 20 , called 
sugar of lead, is one of the few soluble lead salts, and it 
appears to form a complex ion with excess acetate. Like 
the nitrate, the solution tends to form basic salts, but the 
basic compound, Pb( 0 H)C 2 H 302 , is soluble. Both the 
acetate and nitrate are extremely poisonous. 

The dioxide is soluble in glacial acetic acid with the 
formation of the tetra-acetate, but this compound is com- 
pletely hydrolyzed in water. 

34. Sulfate. — ^The sulfate, PbS 04 , resembles the alkaline 
earth sulfates in being slightly soluble in water. It is 
soluble in excess acetate (see above), and in excess alkali 
it dissolves to form plumbite. The basic sulfate, Pb 20 S 04 , 
known as the pigment “sublimed white lead,” is made by 
roasting lead sulfide with carbon. The product sublimes 
and is condensed to a pure white powder. The commer- 
cial pigment usually contains excess of PbS 04 and some 
zinc oxide. 

36. Chromate. — ^The chromate, PbCr 04 , is very slightly 
soluble in water, but dissolves readily in acids with the 
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formation of dichromate, and in bases with the formation 
of plumbite. It is an important yellow pigment, chrome- 
yellow. The stable yellow modification of lead chromate 
is monoclinic. A red tetragonal modification may be sta- 
bilized by the addition of lead molybdate. This pigment is 
known as molybdenum orange. 

36. Sulfide. — The occurrence of the sulfide in the mineral 
galena and its metallurgy has been discussed. The sulfide 
is precipitated from dilute acid solutions by hydrogen 
sulfide, but is soluble in concentrated hydrochloric acid 
and in hot 2N nitric acid. It is not soluble in excess sulfide. 
The crystal has the sodium chloride type of lattice. It 
acts as a rectifier for oscillating electric currents. 

37. Lead Carbonate. — Normal lead carbonate, PbCOa, 
may be prepared by the action of sodium bicarbonate solu- 
tion upon lead chloride or sulfate. When soluble carbon- 
ates are added to a solution of lead ion, the basic carbon- 
ate, Pb 3 ( 0 H) 2 (C 03 ) 2 , is formed. This compound is ex- 
tremely important as the pigment white lead. The annual 
consumption in the United States is about 100,000 tons. 
It is prepared commercially by the action of air, carbon 
dioxide, and acetic acid upon the metal. A small amount 
of acetic acid serves to convert a large quantity of lead into 
the carbonate. The following reactions may represent the 
mechanism of the process: 2Pb 4-02-1- 2HAc = 2Pb(OH)- 
Ac; 6Pb(OH)Ac + 2 CO 2 = Pb 3 ( 0 H) 2 (C 03)2 -b SPbAcj 
-b 2 H 2 O; and 2Pb -b O 2 -b 2PbAc2 + 2 H 2 O = 4Pb(OH)Ac. 
In the older forms of the process, perforated lead disks 
were placed over pots containing acetic acid. Tiers of 
these pots were stacked with tan bark which decomposed 
under bacterial action, liberating carbon dioxide and also 
providing heat. This process required about three months 
for completion, and more rapid methods are now being used 
to some extent, as for example, the churning of lead dust 
with acetic acid, air, and carbon dioxide. 

The covering power of white lead is excellent, but it has 


334 


REFERENCE BOOK OF INORGANIC CHEMISTRY [Ch. XV 


the disadvantage of darkening due to the formation of 
the sulfide, and its poisonous nature is also objectional. 

38. Other Lead Compounds. — Lead orthophosphate, 
Pbs(P04)2, may be precipitated from dilute acid plumbous 
solutions by disodium phosphate. Many basic and double 
phosphates are also known. Lead silicate, PbSiOa, is 
formed by fusing lead monoxide and silica. It is a con- 
stituent of lead glass and of certain glazes used on earthen- 
ware. 

39. Lead Storage Battery. — ^The ordinary lead accumu- 
lator depends upon the reversibility of the reaction: Pb 
+ PbOs -b 4H+ -b 2SO4— = 2PbS04 -b 2H2O. When fully 
charged, one electrode consists of a plate of spongy lead, 
the other electrode a plate impregnated with lead dioxide, 
and the electrolyte is sulfuric acid. The half reactions for 
discharge are : Pb -b SO4 = PbS04 -b 2e” and Pb02 
-b 4H+ -b SO4 -b 2e“ = PbS04 -b 2H2O. Lead sulfate 

thus forms on each plate 
upon discharge, and the con- 
centration of sulfuric acid 
decreases. The density of 
the acid under normal con- 
ditions is 1.20 at 2.05 volts 
(charged) and 1.05 at 1.91 
volts (discharged). The cell 
is not completely reversible 
as is evident from the higher 
voltage required to reverse 
the reaction and recharge the cell (Fig. 2). The final rapid 
increase in the charging voltage curve occurs when all the 
solid sulfate is used up and the concentration of the lead 
ion diminishes. 

40. Analytical. — ^Advantage is taken of the slight solu- 
bility of the sulfides of the group in qualitative analysis. 
The reactions of these compounds with acids and bases 
have been discussed, and reference should be made to 



Fig. 2. Charge and discharge curves 
for the lead storage battery at 15®C. 
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Appendix VI for the treatment of tin and lead in the 
systematic separation of the positive ions. The reduction 
of mercuric chloride, first to mercurous and then to grey 
metallic mercury by stannous ion, is used as a confirma- 
tory test for tin, and the slight solubilities of PbS04 and 
PbCr04 are used in the confirmation of lead. 

Germanium is determined quantitatively by precipitat- 
ing as the disulfide and weighing as the dioxide. 

Tin is sometimes determined gravimetrically as the 
dioxide, but it is most readily determined by the volu- 
metric titration of stannous ion by iodine: Sn"*^ -f Is" 
= Sn'*"'^ -|- 3 I~. The reduction of any stannic salts prior 
to the titration is accomplished with aluminum foil in 
acid solution, or by nickel in hydrochloric acid. 

In gravimetric analyses, lead is often precipitated and 
weighed as the sulfate, PbS04, chromate, PbCr04, or molyb- 
date, PbMo04. In the precipitation as the sulfate, separa- 
tion from barium is secured by dissolving out the lead in 
ammonium acetate and dilute sulfuric acid, and reprecipi- 
tating. The molybdate method has the advantage that 
the barium salt is soluble. 

Lead is often determined electrolytically by anodic pre- 
cipitation as the dioxide from a nitric acid solution, using 
a large platinum anode. 


Chapter XVI 


SUBGROUP V. VANADIUM, COLUMBIUM, 
TANTALUM 

1. The elements of Subgroup V occur in transition series 
resulting from the building up of the number of electrons 
in the outer shell of the kernel from eight to eighteen 
(Append. XVIII). Spectral data indicate that the normal 
gaseous atoms have two electrons in the outer s orbital, so 
that three additional valence electrons must, in the normal 
atom, be located in lower d orbitals. However, all five 
valence electrons are removable, and all members of the 
group form compounds of the + 5 oxidation state. 

The elements are semi-noble, steel-like metals with high 
melting points. Vanadium forms compounds of all its 
possible positive oxidation states except + 1. Unlike the 
main Group V, the -1- 5 state becomes more stable with 
increasing atomic weight; and the pentoxide, which is 
amphoteric in the case of vanadium, becomes more inert 
to the action of both acids and bases. 

2. Occurrence. — Vanadium is estimated as present in 
igneous rocks to the extent of 1.7 X 10“^ per cent, and 
columbium and tantalum together as 3 X per cent. 

The principal vanadium minerals are vanadinite, Pbe- 
(V04)C1 (analogous to apatite); dechenite, [Pb, Zn](V03)2; 
pucherite, BiV04; volborthite, [Cu, Ca]3(V04)2H20; and 
roscoelite, a vanadium mica containing V2O3. Camotite, 
K(U02)V04’3/2H20, is also important as a source of 
uranium. 
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Columbium (also called niobium) and tantalum usually 
occur together, the principal minerals are columbite, 
FeCbaOe, and tantalite, FeTa 206 . Other minerals are: 
pyrochlor, calcium columbate, containing titanium, tho- 
rium and rare earths; yttrotantalite and fugersonite, com- 
plex oxide mixtures containing largely Ta205, Cb205, Yt203, 
and Er203. 

3 . Metallurgy. — ^Vanadiiun is extracted from its ores by 
leaching out the ore with strong hydrochloric acid, and is 
precipitated from this solution as ammonium vanadate by 
evaporation of the solution with excess of ammonium chlo- 
ride. Ammonium vanadate, when roasted, yields the oxide. 

The preparation of the pure metal is a difficult opera- 
tion. The reduction of the pentoxide with carbon in an 
electric furnace yields mostly carbide; and the reduction 
with aluminum gives a mixture of the metal and dioxide. 
The reduction of the dichloride with hydrogen is a satis- 
factory method of preparing the metal on a small scale. 
Very little of the pure metal is prepared commercially, 
however, as the steel industry, which is the principal con- 
sumer, employs ferrovanadium. This is manufactured by 
the reduction of the mixed oxides with carbon in an elec- 
tric furnace. A small amount of vanadium is consumed in 
making metavanadate for use as a catalyst in the manu- 
facture of sulfuric acid. 

The separation of pure columbitun and tantalum oxides 
from their ores is largely an analytical problem (Par. 17 ). 
The metals may be prepared by the reduction of the com- 
plex alkali fluorides with sodium, or the oxide with metallic 
calcium or aluminum. At the temperature of the electric 
furnace, the oxides may be decomposed to the metals by 
heating in a vacuum. Reduction of the oxides with hy- 
drogen is also employed. Tantalum may be electroplated 
from the fused complex potassium fluoride. 

4 . The Metals. — The more important physical properties 
are given in Table I. The metals are grey or silver white 
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TABLE I 


Atomic and Physical Properties 



V 

Cb 

Ta 

Atomic weight 

50.95 

92.91 

180.88 

Atomic numbers 

23 

41 

73 

Isotopes 

51 

93 

181 

Melting point, ® C 

1710 

1950 

2850 

Boiling point, ° C 

3000 (?) 

3300 

4100 (?) 

Density 

5.9 

8.4 

16.6 

Electrical resistivity, ohms-cm. at 25® C. . . 



15 X 10-' 

Ionization potential of gaseous atom, volts . 

6.71 



Tensile strength, lb. sq. in 



130,000 

Radius of metal ions M"*"® in crystals, 




cm, X 10® 

0.59 

0.70 



in color, and do not tarnish readily. Though very hard, 
they may be rolled or hammered, and drawn into wire. 
Vanadium is used extensively in the steel industry (cf. 
XIX — 7), to add tensile strength to steel. Columbium in 
the form of ferrocolumbium is employed in the manufac- 
ture of chromium steels to render them more weldable. 
Tantalum was formerly employed in electric light fila- 
ments, but has been replaced by tungsten. The metal, 
in spite of its electropositive character, is extremely re- 
sistant to chemical action at ordinary temperatures and 
is being employed as pipes, kettles, and containers in many 
chemical manufacturing processes, displacing platinum, 
and other expensive metals. Due to the passive nature of 
tantalum, it exhibits, to a high degree, an electrolytic 
valve action (see Aluminum, VI — 17) and is employed in 
cells to act as current rectifiers. Tantalum absorbs gases 
readily at high temperatures; and becomes hard and brittle. 
For this reason, the metal must be worked cold or in a 
vacuum. Because of its hardness tantalum carbide is 
employed as a constituent of hard cutting-tool mixtures. 

5. Reactions of the Metals. — ^The metals are attacked 
by oxygen only when heated. Vanadium is dissolved by 
nitric acid and other powerful oxidizing agents (Par. 6); 
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but columbium and tantalum are attacked readily only 
by a mixture of nitric and hydrofluoric acids. The general 
reactions of the group are summarized in Table II. 


TABLE II 

Reactions of Vanadium, Columbium, and Tantalum 


4M + 5 O 2 « 2 M 2 O 6 
2M + SX 2 = 2MXfi 

6M + 5 N 2 = 2 M 3 N 5 
M + C - MC 
M + 2S = MS 2 
M + 5 Na 0 H=NaM 03 + m 2 
-j- 2Na20 

3 M + ISHF + 5HNO3 = 3H2MOF6 
+ SNO + 7H2O 
2V + Si = VaSi 
2Cb + H 2 = 2CbH 


Heated. V also forms VO 2 
Heated. Ta and Cb with F, Cl, and 
Br. V forms only VCI4 and VBrs. 
Heated. V forms VN 
High temperature 
Heated. V forms V2S5 also 

Fused, Ta and Cb form NasMeOis 

Also other complex fluo-acids 
High temperature 


Vanadium Compounds 

6. Oxidation States. — ^Vanadium forms compounds pos- 
sessing the oxidation states 2, 3, 4, and 5. The two lower 
valences are basic; but the two higher are amphoteric, 
though in the aqueous solutions, the positive ions exist 
only as vanadyl, VO++, and pervanadyl, V (OH) 4 '’'. 

Oxidation-reduction potentials involving the various 
states are summarized below: 


• Volts 

V = V++ -f 2e- -H.5 

V++ = V+++ + e - +0.2 

V+++ + H 2 O = VO++ + 2H+ + e- - 0.314 

VO++ + 3 H 2 O = V(0H)4+ + 2H+ + e- - 1.00 


From these values, it follows that vanadic acid in con- 
centrated hydrogen ion, i.e. V(OH) 4 + is a moderately 
powerful oxidizing agent; but the hydrogen ion is involved 
to such a high power that the potential decreases markedly 
in dilute acid, so that vanadate in neutral solution is not 
easily reduced. As the potentials indicated, the reduction 
products depend upon the strength of the reducing agent. 
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e.g. Fe++ gives VO+''’, Sn++ gives V+++, and Zn gives V++. 
Vanadous ion, V++, is a strong reducing agent, and vanadic 
ion is fairly strong. The metal is oxidized by moderate 
oxidizing agents in acid solution to the + 4 state and by 
powerful agents to vanadate. 

7. The + 2 State. — ^The monoxide, VO, is prepared by 
the reduction of vanadyl chloride, VOCh, by carbon, zinc, 
or hydrogen at red heat. The oxide is semi-metallic in 
appearance and was considered by Berzelius to be the 
metal. The hydroxide, V(OH)2, is but slightly soluble. 
Its salts in solution have a deep violet color. The sulfate, 
VSO4, is prepared in solution by the reduction of sulfuric 
acid solutions of vanadates by zinc, or by cathodic reduc- 
tion in an atmosphere of carbon dioxide. The solid hy- 
drate, VS0|'7H20, may be obtained upon evaporation, 
and double sulfates are formed with the alkali sulfates, 
M2V(S04)2-6H20. The sulfate solution absorbs nitric oxide, 
similar to ferrous ion, and the complex cyanide, V(CN)6“®, 
is similar to ferrocyanide in the solubilities of its salts. 
The anhydrous chloride and the sulfide are prepared, re- 
spectively, by the reactions: VCI4 -f H2 = VCh-f 2HC1, 
and V2S3 -f- H2 = 2 VS + H2S. The latter is not soluble 
in dilute hydrogen ion or in sulfide ion. 

8. The -f 3 State. — In formulas and solubilities, the 
vanadic compounds resemble ferric, but unlike the latter, 
they are readily oxidized. The salts in solution are green; 
and the green hydroxide, V(OH)3, is precipitated from 
solutions of its salts by ammonia or alkali hydroxides. 
It is rapidly oxidized by air to form the dioxide. The 
sesquiozide, V2O3, may be obtained by reducing the pent- 
oxide with hydrogen or carbon, and the product is in- 
soluble in most acids. Solutions of the halides may be 
prepared by dissolving the hydroxide in the halogen acid. 
The anhydrous compounds may be prepared by reactions 
analogous to the following: 2VCI4 = 2VC13 ■+ CI2, and V2O3 
+ 3Br2 + C = 2VBr3 4- SCO. The oxychloride, VOCl, is 
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but slightly soluble. Reduction of sulfuric acid solutions 
of the pentoxide gives vanadic sulfate, V2(S04)3, in solu- 
tion; this salt readily forms alums. The oxide reacts when 
heated with ammonia, and with hydrogen sulfide, to give 
the nitride, VN, and the sulfide, V2S3, respectively. The 
latter is soluble in dilute acids. 

Vanadic ion forms many complex and double salts, the 
most important being double fluorides, as (NH4)3VF6, or 
(NHJzVFs; double oxalates as, K 3 V(C 204 ) 3 * 3 H 20 ; complex 
cyanides as K3V(CN)6; and sulfocyanides, K3V(CNS)6. 

9. The -|- 4 State. — ^The dioxide, VO2, may be obtained 
by partial reduction of the pentoxide; the hydrous oxide, 
is precipitated by the addition of sodium carbonate to 
vanadyl salts in solution. The hydrous oxide is oxidized in 
air. It is soluble in the alkali hydroxide and in ammonia, 
forming vanadites, e.g. K2V409*7H20. These compounds 
in solution have a deep black color, are not readily oxidized, 
and form slightly soluble vanadites with the heavy metals. 

The dioxide dissolves in acid to form the blue vanadyl 
ion, VO+''', eind many salts of this ion are known, e.g., 
VOCI2, VOSO4. The anhydrous chloride is formed by the 
reactions: V -f 2CI2 = VCI4, and VOCI3 -f I/2CI2 -4- C 
= VCI4 + CO. It is a heavy liquid with an extremely 
low melting point. The water solutions hydrolyze to van- 
adyl chloride. The addition of sulfide to an acid vanadyl 
solution precipitates the sulfide, VS2, which is soluble in 
excess sulfide to form thiovanadites. 

10. The 4- 6 State. — ^The oxide, V2O6, may be prepared 
by roasting ammonium metavanadate, NH4VO3; or by 
the hydrolysis of pervanadyl chloride, VOCI3. It Is some- 
what soluble in water to give a slightly acid solution, but 
with excess of hydrogen ion the acid forms pervanadyl 
ion, V(0H)4''' (or V02'''). Metavanadic acid, HVO3, may 
be precipitated as golden yellow solid by the action of 
sulfurous acid upon copper vanadate. The acid is some- 
times employed as gold bronze. Pyrovanadic acid, H4V2O7, 
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is precipitated by the addition of nitric acid to vanadate 
solutions. 

The addition of alkali to vanadic acid results in the 
formation of complicated poly-anions. 

Sodium salts of the meta-, ortho-, pjro-, and hexa-vanadic 
acids are known: NaVOs, Na3V04, Na4V207, Na 2 H 2 V 60 i 7 . 
The metavanadates of sodium, potassium, ammonium, 
barium, and lead are but slightly soluble in cold water; 
but salts of other positive ions are soluble, and the color 
is generally yellow. The alkali pyrovanadates are soluble. 
In solution orthovanadate is readily hydrolyzed : 2VO4 
-f H2O = V2O7 + 20 H“. At high temperatures, the 
ortho salts are stable, however, and constitute many of 
the vanadium minerals. The most important compound 
is probably ammonium metavanadate, NH4VO3, which is 
precipitated by excess ammonium chloride from meta- and 
pyrovanadate solutions. In recent years large quantities 
of the salt have been used in the preparation of the vanadium 
catalysts for the manufacture of sulfuric acid. 

The alkali metavanadates are readily converted to per- 
0X3rvanadates, MVO4, by hydrogen peroxide; and peroxy- 
vanadic acid, HVO4, is formed when the pentoxide is added 
to a solution of hydrogen peroxide in sulfuric acid. The 
solution has a deep red color. 

Of the pervanadyl compounds, the most important is 
probably the pervanadyl sulfate, (¥0)2(804)3. This may 
be obtained as a red-brown solid upon evaporating the acid 
solution, and basic salts as, V0(0H)S04, are also formed. 
With concentrated hydrochloric acid, chlorine is evolved 
and the dioxide formed. However, the pervanadyl chloride 
may be made by the action of chlorine upon VO or V2O3, 
or upon a heated mixture of the pentoxide and carbon. 
The chloride is a heavy low melting liquid with a lemon- 
yellow color. It fumes in moist air and is hydrolyzed by 
water to vanadic acid. Complex oxyfluovanadates, as 
K2VOF6 and K2VO2F3, are precipitated by the addition 
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of potassium fluoride to the pervanadyl fluoride solu- 
tions. 

Ammonium sulfide acts upon vanadate solutions to form 
thiovanadate, VS4 . The addition of acid to this solution 
precipitates the sulfide, VaSs, or possibly a mixture of V2S5 
and VS2. 


CoLUMBiuM Compounds 

11. Oxidation States. — The compounds of lower states 
are much less stable than in the case of vanadium. The 
only -1- 5 compounds which may be obtained in acid solu- 
tion are the complex fluoride and chloride, and these solu- 
tions may be reduced quantitatively by zinc in the cold to 
a blue solution of the 3 columbium ; but, if the solution 
is heated, a precipitate of mixed oxides, possibly CbOa 
and CbaOs, is formed. The -b 3 compounds in solution 
are oxidized very rapidly by oxygen. The oxychloride, 
CbOCls, may be reduced by sodium to the monoxide, 
CbO, which dissolves in acid with the liberation of hydro- 
gen. The pentoxide may be reduced by magnesium to the 
dioxide, Cb 02 , which is not attacked by acids, but bums 
in air when heated. 

Due to the passivity of the metal and the inertness of 
the oxide, very little is known about the true oxidation- 
reduction potentials of columbium, and the following values 
are calculated from thermal data. 


Volts 

2Cb + SHjO = Cb^Os + 10H+ + lOe" 0.62 

Cb = Cb+++ 4- 3e- ca. 1.1 


12. Pentoxide and Columbates. — The pentoxide, Cb206, 
may be prepared by decomposing the potassium oxyfluo- 
ride with sulfuric acid. With concentrated acid the oxide 
dissolves with the formation of some complex ion, possibly 
Cb(S 04 ) 3 “. The pentachloride hydrolyzes in water to give 
the meta-acid, HCbOs. The oxide and acid when fused 
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with alkalies or alkali carbonates yield complex columbates. 
Potassium hexacolumbate, K8Cb60i9'16H20, is readily sol- 
uble in water, and with excess of alkali forms a number of 
other salts, such as K 4 Cb 207 *llH 20 . 

Peroxycolumbates are formed by the action of peroxides 
upon columbates; and the peroxy-acid, HCb 04 , is obtained 
as a yellow solid when columbic acid is warmed with hydro- 
gen peroxide. 

Halogen Compounds. — Columbic acid is soluble in hy- 
drofluoric acid; the addition of potassium fluoride to the 
solution yields fluocolumbite, K 2 CbF 7 , and in less concen- 
trated acid double salts of the oxyfluoride, such as 
KoCbOFs. 

The pentachloride, CbCU, is formed by passing chlorine 
over a heated mixture of the oxide and carbon; or sulfur 
chloride, S 2 CI 2 , over the oxide. The pentachloride is soluble 
in hydrochloric acid. The oxychloride is a volatile solid, 
and like the chloride, is completely hydrolyzed in water. 
Corresponding compounds of fluorine and bromine have 
also been prepared, which have rather similar properties. 

At red heat, the pentachloride decomposes into the 
trichloride, CbCU. This anhydrous chloride is not decom- 
posed by water, but is readily oxidized with nitric acid, 
and when heated reacts with carbon dioxide : CbCls -f- CO 2 
= CbOCls -h CO. 

Other Compounds. — ^The metal heated in nitrogen at 
1200° forms the nitride, CbjNs. Mixed oxide-nitride com- 
pounds result from the action of ammonia upon the oxide 
at red heat. 

The metal unites with hydrogen when heated to form 
the hydride, CbH, which is not attacked by acids, but 
readily burns in air. 

The oxide is not converted into sulfide by ammonium 
sulfide, but oxysulfides, e.g., Cb202S3, CbOSa, form when 
the oxide is heated in an atmosphere of carbon dioxide 
and carbon disulfide. 
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Tantalum Compounds 

13. Although there is very little experimental work on 
the oxidation-reduction potentials of tantalum, the value 
for the heat of formation of the pentoxide, — 484,500 
cal., leads to the following approximate potential: 

2Ta + 5 H 2 O = TajOs + 10H+ -t- lOe" 0.71 volt 

No compounds of lower oxidation states are stable in 
aqueous solution. The -f 2 chloride has been prepared at 
high temperatures, but the water solution evolves hydrogen 
rapidly. 

14. Pentoxide and Tantalates. — ^The pentoxide, TasOs, 
is formed when the metal bums in air. It is left as a residue 
when tantalates are fused with potassium acid sulfate, and 
the product extracted with hydrochloric acid. The oxide 
is very inert, but when fused with alkali hydroxides forms 
hexantantalates, e.g. Na8Tae0i9*25H20. These compounds 
are soluble in water. When ignited with ammonium chlo- 
ride, metatantalates, e.g. NaTaOs, are formed ; these are not 
soluble. The meta-acid, HTaOs, is precipitated when the 
pentachloride is added to water. 

A solution of potassium hexatantalate gives with per- 
oxide a peroxytantalate, K 3 Ta 08 *l/ 2 H 20 , which may be 
precipitated from the solution by the addition of alcohol. 
The compound is decomposed by sulfuric acid to give the 
acid, HTa 04 , which is fairly stable. 

The pentoxide reduced with magnesium yields a mon- 
oxide, TaO, which is not soluble in acids, and bums in 
air to the pentoxide. 

The ignited pentoxide is not soluble in any acid, but the 
hydrated oxide dissolves in hydrofluoric acid, and either 
dissolves slightly, or is peptized by other acids. 

16. Compounds with the Halogens. — ^The pentafluoride, 
chloride, and bromide, form when the metal is heated in 
the corresponding halogen. Alkali fluotantalates, e.g. 
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KaTaFr, are obtained by dissolving the hydrated pentoxide 
in hydrofluoric acid, and adding alkali fluoride. These 
compounds are easily soluble in hot water, but much less 
soluble in cold. When the solution of the potassium salts 
is boiled, an oxTfiuoride, K4Ta406Fi4, precipitates. 

The pentachloride and bromide are most readily prepared 
by heating a mixture of the oxide and carbon in a stream 
of chlorine. These compounds are readily volatile around 
150 °, and are completely hydrolyzed by water. 

16 - Other Compounds. — The sulfide, TaS2, is said to 
be formed by the action of hydrogen and carbon disulfide 
upon the heated oxide. It is not soluble in hydrogen ion. 
When the chloride is heated in ammonia at not too high a 
temperature, a bright red nitride, TasNs, is formed. At 
higher temperatures, the compound TaN is produced. The 
pentanitride is also formed when the metal is heated in 
nitrogen at 1000 ° C. 

The carbide, TaC, forms when the oxide is reduced with 
carbon at high temperatures. 

17 . Analytical. — ^The slight solubility of the oxides of 
vanadium, columbium, and tantalum in dilute hydrogen 
ion, and in oxidizing agents, and their ready solubility in 
hydrofluoric acid, places them analytically in a group con- 
sisting of SbaOs, Sn02, WO3, M0O3, TeOg, V2O4, Ti02, Ta206, 
Cb205, and Bi203, together with phosphates of Sn, Ti, and 
Zr. When these oxides are dissolved in hydrofluoric acid 
and treated with ammonium sulfide, a separation is ob- 
tained, giving in the filtrate, the thio-salts of Sb, Sn, W, Mo, 
Te, V, and a residue of Ti02, Ta205, Cb205, Bi203, and Ti 
and Zr phosphate or vanadate. The presence of vanadium 
in the thio-salt solution is recognized by the violet-red 
color of (NH4)3VS4. 

When the Ti 02 , Ta205, etc. residue above is boiled with 
sodium salicylate solution, the titanium and vanadium are 
extracted. The residue is fused with K2CO3; and KsTasOis 
and K8Cb30i8 are obtained in solution by extracting with 



§17] SUBGROUP V. VANADIUM, COLUMBIUM, TANTALUM 347 


cold water. The tantalum is separated from the columbium 
by the smaller solubility of the potassium oxyfluotantalate, 
and the columbium recognized by reduction to CbClj, blue, 
with zinc, and the reaction of this solution with mercuric 
chloride to give mercurous chloride. 

In gravimetric determinations, these elements are usually 
separated and weighed as the pentoxides. Vanadium and 
columbium are determined volumetrically by reduction to 
vanadyl and to the + 3 columbium, and titration with 
permanganate. 



Chapter XVII 


SUBGROUP VI. CHROMIUM, MOLYBDENUM, 
TUNGSTEN, URANIUM 

1. The elements of Subgroup VI have 6 as the maximum 
positive oxidation state and in this state show many prop- 
erties common to each other, as well as to sulfur in the 
sulfates. In addition, the elements of the group have a 
variety of lower oxidation states, in which they do not re- 
semble each other as much as they do the elements of higher 
and lower atomic numbers; especially is this true of chro- 
mium, whose lower states are similar to the corresponding 
ones of vanadium and manganese. This fact is to be cor- 
related with the position of the elements in transition series 
in which an eight electron shell is being converted to an 
eighteen electron shell (Append. XVIII). One of the most 
striking properties of the -f 6 compounds is the tendency to 
form poly-acids. This tendency reaches a maximum in 
molybdenum, which forms acids containing many molecules 
of the trioxide. The acidic nature of the oxides decreases 
with increasing size of the ions. 

The metals have very high melting points, that of tung- 
sten being higher than that of any other metal. They are 
also very tough, and advantage is taken of this in foiming 
many important alloys with iron. Uranium is highly elec- 
tropositive, the others somewhat so. 

Uranium is radioactive; this property is discussed in 
connection with the other radioactive elements, Chap- 
ter XXI- 
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2. Occurrence. — The metals do not occur free in nature. 
Chromium is the most abundant of the group, and is 
present to the average extent of about 0.037 per cent in 
igneous rocks, usually as Cr203, replacing AI2O3 in alumi- 
nates. The estimated percentages of the others are : molyb- 
denum 10 “®, tungsten 5 X 10 ~®, and uranium 8 X 10 “^. 
The value for uranium is remarkably high in comparison 
to the other heavy elements. The most important chro- 
mium ore is chromite, Fe(Cr204), or Fe0'Cr203. Lead 
chromate, PbCr04, and other chromates of the heavy 
metals also occur. 

Molybdenum is most frequently found as the sulfide, 
molybdenite, M0S2, which resembles graphite in appear- 
ance. It also occurs as molybdates, especially PbMo04 and 
Fe2(Mo04)3-7.5H20. 

The most important tungsten ore is wolframite, an iso- 
morphous ferrous-manganous tungstate, [Fe, Mn]W04. 
Other tungstates, as CaW04, PbW04, and CUWO4, and the 
trioxide, WO3, or wolfram ocher, are also found. 

Uranium is found as pitchblende or uraninite, which is 
about 80 per cent U3O8, together with the rare earth and 
other oxides; and as camotite, K(U02)V04-3/2H20 and 
autunite, Ca(U02)2(P04)28H20. 

Metals and Metallurgy 

3 . Chromium. — ^The greater portion of metallic chro- 
mium is utilized in chrome steel, and for this use ferro- 
chrome is prepared by the direct reduction of chromite by 
carbon: FeCr204 -f 4 C = Fe -f 2 Cr 4 CO. For the prepa- 
ration of chromium compounds, the ore is usually fused 
with sodium carbonate in air: 4FeCr204 -I- 8Na2C03 + 702 
= 2Fe203 + 8Na2Cr04 -f 8CO2; the sodium chromate is 
then extracted with water. The pure metal is conveniently 
prepared by reducing chromic oxide with aluminum (Gold- 
schmidt reaction), or with carbon in an electric furnace. 
The electrolytic deposition of chromium on iron or copper 
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has recently assumed importance. The electrolyte used is 
an acid chromic chromate solution containing sulfate, phos- 
phate, borate, or other acid radicals. 

Chromium is similar to platinum in luster, and this to- 
gether with its high resistance to corrosion, has resulted in 
the use of the electroplated metal on motor cars and miscel- 
laneous domestic appliances. 

Chrome steel (0.5 to 1.0 per cent Cr, 0.75 percent Si, and 
0.5-1.25 percent Mn) is very hard and tough. Stainless steel 
(14 per cent Cr) is used in the manufacture of cutlery, valves, 
turbine blades, etc. Nichrome (60 per cent Ni, 15 per cent 
Cr, and 25 per cent Fe) is used as resistance wire in elec- 
trical heaters. Chromium, with cobalt and tungsten, or 
molybdenum, forms an alloy known as stellite, suitable for 
high-speed tools (cf. XIX — 19). 

It is estimated that 50 per cent of the American consump- 
tion of chromate is for metallurgical industries, 40 per cent 
for the manufacture of refractory chrome-brick for furnace 
lining, and 10 per cent for the chemical industries. 

4. Molybdenum. — The sulfide ore is generally roasted to 
the trioxide which is then extracted with ammonia. Solid 
ammonium molybdate is obtained when the solution is 
evaporated, and this yields the trioxide upon ignition. The 
metal is prepared by the reduction of the oxide by carbon in 
an electric furnace, or by the reduction of the oxide or 
chloride by hydrogen. Molybdenum is silver white in color, 
tough, and ductile. It is added to steel as a toughener; 
the addition of 1 per cent of molybdenum doubles the 
strength of low carbon steels at temperatures above 475° C. 

6. Tungsten. — ^Tungsten is generally obtained from wolf- 
ramite ores by fusion with sodium carbonate, to convert to 
sodium tungstate, which is then extracted with water, and 
the solution digested with hydrochloric acid to precipitate 
tungstic acid. The acid is reduced by heating strongly with 
carbon, but the product is a powder, as the temperature is 
far below the melting point of the metal. Rods of the metal 
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are formed by sintering the particles together by passing a 
strong electric current through the compressed powder. 
Tungsten has become one of the most important industrial 
metals. In 1936 three quarters of a billion tungsten fila- 
ment electric lamps were sold in the United States. In 

TABLE I 


Atomic and Physical Properties 



Cr 

Mo 

W 

U 

Atomic weight 

52.01 

95.95 

183.92 

238.07 

Atomic number 

24 

42 

74 

92 

Isotopes 

50, 52, 

92, 94, 95, 

182, 183, 

234, 235, 


53, 54 

96, 97, 98, 

184, 186 

238 



100 



Density 

7.1 

10.2 

19.3 

18.7 

Melting point, ° C 

1550 

2620 

3370 

1850 

Boiling point, ® C 

2475 

4800 

5930 


Tensile strength, lbs. per 





sq, in 



590,000 


Electrical resistivity, 





ohm-cm 

2.6 X 10-® 

4.8 X 10-® 

5.5 X 10--8 

6.0 X 10~« 

Ionization potential. 





volts 

6.74 

7.35 



Radius of ion in crys- 





tals, cm. X 10® 

0.52 

0.62 




order to draw the metal into wire, it is necessary to subject 
the rod to severe working at a low temperature to break up 
the large crystals which form when the metal is heated and 
render it brittle. The tensile strength of the drawn wire 
exceeds that of any other metallic substance. The metal is 
also used as contact joints for making and breaking elec- 
trical circuits, for internal combustion engine valves. X-ray 
apparatus and utensils. The metal may be electroplated 
from solutions of sodium tungstate, but the best coatings 
are secured by deposition with nickel (or other metals). 
The nickel-tungsten (35-50 per cent W) alloy surfaces have 
remarkable resistance to chemical action. 

Ferro-tungsten can be prepared by the reduction of the 
purer forms of iron tungstate ore with carbon. It is em- 
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ployed in the manufacture of tool-steel (see Chromium) 
and other tungsten steels (see Iron). 

6. Uranium. — In the extraction of uranium from pitch- 
blende, the ore is generally roasted with alkali carbonate 
and some nitrate to convert the oxide, UsOs, into alkali 
uranate. After washing with water the ore is treated with 
sulfuric acid, which dissolves out the uranium as uranyl sul- 
fate, UO2SO4. The metal is prepared by the reduction of the 
oxides by carbon in an electric furnace or by the electrolysis 
of the fused potassium uranium fluoride. Uranium is a 
heavy “white” metal with a much lower melting point 
than tungsten. It is highly electropositive and has no im- 
portant commercial applications but finds some use in 
alloys. 


TABLE II 


Reaction Products of the Elements 


Reaction 

WITH 

Cr 

Mo 

W 

U 

02 

Cr20s 

M0O3 

WO3 

UO3, UsOg 

F, 

CrFs 

MoFe 

WFc 

UF 4 , UFfi 

Cl, 

CrCls 1 

Mods 

WCle 

ucu. 

ucu 

Br2 

CrBfa 

MoBr4 

WBre 

UBrs 

I, 

Crl2 

No action 
at 500° 

WI 2 

UI4 

H+ 

Cr++ Cr+++ 
(slow) 

No action 

No action 

U 4 + 

OH- 

Cr 02 “* (slow) 

No action 

WO4— 

UO2 

HNOj 

Cr+++ 

M0O3 

WOs 

UO2++ 

C 

Cr2C3 

M02C, MoC 

W 2 C, WC 

U 2 C 3 

N2 

CrN 

No action 
at 1000° 

No action 
at 2000°, 
WN 2 at 2500° 

U 2 N 4 

s 

CrS 

M0S2, M02S8 

WS 2 

US 2 

B 

CrB, CraB 

M 08 B 4 

WBa 

UB 2 


7. Reactions of the Metals. — The reactions of the metals 
with common reagents are so varied in nature as to render 
them difficult to summarize in the form of general group 
reactions; however, the principal reaction products have 
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been summarized in Table II. The lighter members of the 
group exhibit to a high degree the property of passivity, and 
their reactions with powerful oxidizing agents are thus often 
extremely slow. 


Compounds of Chromium 

8. Oxidation States. — Chromium forms compounds in 
which it has the oxidation numbers + 2 (chromous), + 3 
(chromic), and + 6 (chromate). The + 2 state is basic, the 
+ 3 state is amphoteric, and the + 6 state is acidic. The 
potential relations between the states are summarized in the 
following half reactions : 


Volts 

Cr = Cr++ + 2e- + 0.86 

Cr++ = Cr+''^ + e- + 0.41 

2Cr+++ + 7 H 2 O = CraO,— + 14H+ + 6e- - 1.36 


It is evident from these values that the chromate in acid 
solution is a powerful oxidizing agent. The equilibrium, 
Cr + 2Cr+++ = 3Cr''^, favors the formation of chromous 
ion, but the latter is such a powerful reducing agent that its 
solutions are oxidized even by very weak oxidizing agents 
to chromic ion. 

9. Chromous Compounds. — Chromous compounds are 
somewhat similar to ferrous. Chromous hydroxide, Cr(OH)2, 
is a slightly soluble, brownish yellow substance, which is 
oxidized readily in air and when heated liberates hydrogen; 
2Cr(OH)2 = Cr203 + H2O + H2. Solutions of chromous 
ion are blue, and may be prepared by the reduction of 
chromic solutions by the metal or by zinc (see above). The 
chloride and sulfate are soluble. The former may be pre- 
pared as an anhydrous salt, by heating the metal in hydro- 
gen chloride. The sulfide, CrS, and carbonate, CrCOs, are 
but slightly soluble, and the acetate, Cr(C2H302)2. but 
moderately so. 

10. Chromic Compounds. — ^T^ie oxide, Cr203, is the most 
stable of the chromium oxides, and is formed by heating the 
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metal or other oxides in air. Due to its fine green color it is 
used as a pigment, chrome green. This is generally pre- 
pared by igniting sodium dichromate with sulfur or am- 
monium chloride : NaaCrzOr -|- S = Cr203 -|- Na2S04 and 
Na2Cr207 -|- 2NH4CI = CrjOs + 2 NaCl -t- N2 -h 4H2O. 
The oxide is isomorphous with corundum, AI2O3. A hy- 
drated oxide, Cr203'H20, may be formed by hydrolysis 
under pressure, but there is no evidence for the existence of 
Cr(OH)3. The so-called “hydroxide” which is precipitated 
from chromic solution, may best be described as a hydrous 
oxide. 

In its amphoteric properties the hydrous oxide, Cr203 
•nH20, resembles aluminum hydroxide, and like the latter 
is precipitated by ammonium hydroxide, and by solutions 
of alkali sulfides and carbonates. Excess of alkali hydroxide 
dissolves the precipitate with the formation of chromites, 
but the hydroxide or hydrated oxide is precipitated upon 
boiling. Chromites are readily formed by fusing the oxide 
with metal oxides, and such compounds constitute the com- 
mon chromium minerals, the most important being ferrous 
chromite, FeCr204. Chromite is used extensively as a re- 
fractory, especially in lining open-hearth furnaces used in 
the manufacture of steel. 

11. Chromic ion forms numerous coordination complexes, 
especially with ammonia, water, halides, cyanide, and thio- 
cyanate. A number of these are tabulated below. The co- 
ordination number of chromium is six. In solution these 
compounds dissociate into the complex ion and the ions 
placed outside the bracket. 

[Cr(NH3)6]Cl3 [Cr(NH3)6](CNS)3 [Cr(NH3)6(H20)]Cl3 

[Cr(NH3)6Cl]Cl2 [Cr(NH3)3(CNS)3] [Cr(NH3)BN02]Cl2 
[Cr(H20)6]Cl3 [Cr(CNS)6]K3 [Cr 40 (S 04 ) 4 ]S 04 
[Cr(H20)4Cl2]Cl [Cr(CN)6]K3 [Cr(OH)(NH3)5]Br2 

The two water-chloride complexes are of especial interest. 
The complex ion, [Cr(H20)6]''^, has a violet color, and is 
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present largely in dilute chromic ion solutions, while the 
complex, [Cr(H20)4Cl2]+, is green and forms in more con- 
centrated solutions in presence of excess chloride. The 
rates of transition are slow, however, and the two ions may 
be obtained in the same solution. Only one third of the 
chloride may be precipitated from the green solution by 
silver ion. 

12 . Chromic sulfate, Cr 2 (S 04 ) 348 H 20 , may be precipi- 
tated by the addition of alcohol to a solution made by dis- 
solving the oxide in sulfuric acid. This solution is violet, 
probably Cr(H20)6'^'^, vide supra, but upon heating a 
green sulfate solution is formed, which does not form a 
precipitate upon the addition of alcohol, and in which only 
one third of the sulfate is ionized. Upon standing, the green 
solution reverts to the blue. Chromic sulfate readily forms 
alums, e.g., KCr(S 04 ) 242 H 20 . 

Chromic phosphate, CrP04‘6H20, precipitates when so- 
dium hydrogen phosphate is added to a chromic solution. 
Several other hydrates are formed by carrying out the pre- 
cipitation at higher temperatures. 

13 . Chromic Acid and Derivatives. — Chromic anhydride, 
or chromium trioxide, separates as a mass of scarlet needles 
when a cold concentrated solution of potassium dichromate 
is treated with concentrated sulfuric acid. It melts without 
decomposition, but loses oxygen around 250 ° to form the 
oxide, Cr203’Cr03, or Cr02, and at higher temperatures, 
Cr203. The trioxide is very soluble in water, forming 
chromic and dichromic acids, H2Cr04 and H2Cr207. The 
former may be crystallized from warm concentrated solu- 
tions. A solution of chromic acid, formed by adding sulfuric 
acid to sodium dichromate, is frequently used in the labora- 
tory as “cleaning solution.” 

Like the other members of the sixth periodic group, chro- 
mate forms complexes containing varjdng amounts of the 
trioxide; and the potassium salts, K2Cr04, K 2 Cr 207 , 
K2Cr30io, and K2Cr40i3 are known. However, only the 
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first two are important, the chromate existing in alkaline 
solution, and the dichromate in acid solutions. The equilib- 
rium between the two ions is represented by the equation : 
2Cr04-" + 2 H+ = CviO?— + H2O, K = 4:.2 X 10 ^“. The 
mechanism of the equilibrium involves the two equilibria: 
HCrOr = CrOr- -i- H+, = 3.2 X 10-^ and 2 HCrOr 

= H2O -f CraOv—, K = 43 . 

The alkali chromates are prepared from chromite by 
roasting the ore with the alkali carbonate, or mixtures of 
limestone and alkali sulfate: 4FeCr204 -|- SNaaCOs -f 7O2 
= 2Fe203 -I- 8Na2Cr04 -f- 8CO2. The cinder is then crushed 
and extracted with water to obtain the chromate. Sodium 
chromate crystallizes as Na2CrO4'10H2O, isomorphous with 
the sulfate, and changes to the hexahydrate at 79 . 5 °. 
Potassium chromate, K2Cr04, is isomorphous with potas- 
sium sulfate. 

Sodium dichromate, Na2Cr207-2H20, is obtained from 
the chromate by adding acid and crystallizing from the acid 
solution. Above 82 °, the anhydrous salt separates. Potas- 
sium dichromate is prepared in a similar way. It is not very 
soluble in cold water, but readily soluble in hot. Ammonitun 
dichromate, (NH4)2Cr207, is generally made from chromic 
acid and ammonia. Upon heating, it decomposes according 
to the equation : (NH4)2Cr207 = Cr203 + N2 -f-4H20. 

Dichromates are employed extensively in processes re- 
quiring a strong oxidizing agent. In the chrome-tanning 
process, the hide is treated with sodium dichromate, which 
is then reduced, and chromic hydroxide precipitated in the 
pores of the leather. Dichromate forms with gelatine, when 
exposed to the light, an insoluble product, and advantage is 
taken of this fact in a number of photographic processes. 
Potassium dichromate is important in analytical chemistry 
in the titration of reducing agents, especially ferrous salts 
(cf. XIX— 16 ). 

A number of slightly soluble chromates are important 
pigments: e.g. chrome yellow, PbCr04: chrome red, Pb2- 
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0Cr04; zinc chromate (yellow) ZnCr04. In general, the 
solubilities of the chromates are very similar to those of the 
sulfates. 

14. Chromyl Compounds. — Chromyl chloride, CrOaCU. 
and fluoride, Cr02F2, may be prepared by distilling dichro- 
mate with the alkali halide and sulfuric acid. The chloride 
is a blood-red liquid, which is hydrolyzed by water to 
chromic and hydrochloric acids. Intermediate chlor- 
chromates also exist, e.g. KCrOsCl, and the halides may be 
replaced from the chromyl compounds with ammonia to 
form chromyl diamide, Cr02(NH2)2. 

16. Peroxychromates. — Hydrogen peroxide gives with 
chromate in acid a deep blue solution of peroxychromate. 
If this solution is shaken with ether, the peroxy-acid is ex- 
tracted. This constitutes a very delicate test for chromate 
or for hydrogen peroxide. The exact composition of the acid 
is uncertain but appears to be CrOs. With alkalies it gives 
salts which are thought to have formulas such as K2Cr20i2. 
At low temperatures in alkaline solution red peroxy-salts 
such as K6Cr20i6 are formed. From ammoniacal solutions 
the compound Cr04*3NH3 has been prepared. 

Compounds of Molybdenum 

16. Oxidation States. — Molybdenum forms compounds 
having the positive oxidation states 2, 3 , 4, 5, and 6; how- 
ever, the -f 2 and + 4 compounds exist in water solutions 
only in the form of a few relatively unstable complex ions. 
Approximate values of the oxidation-reduction potentials 
for the other states in acid solution are given below. 


Volts 

Mo + 3HsO = MoOs -I- 6H+ -h 6e- - 0.1 

Mo 02+ + 2HiO = H 2 M 0 O 4 (aq) +2ii* + 2e- ca. - 0.4 

Mo+++ -I- H 2 O = M 0 O 2 + H- 4H+ -I- 2e- ca. 0.0 

Mo - Mo+++ -F 3e- ca. 0.2 

17. The + 2 State. — The dichloride, MoCU, is formed 
by heating the trichloride: 2MoCi3 = MoCU -b MoCL* 
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The bromide may be prepared in a similar manner, and the 
iodide by heating the pentachloride in hydrogen iodide. 
These halides are insoluble in water but dissolve in alkalies, 
and upon acidifying the solution, precipitate the complex 
bases (Mo3X4)(OH)2. The halides appear to be derivative 
of the same complex having the formula MoaXe, or [M03X4]- 
X2. They are slowly oxidized by water. 

18. The + 3 State. — Solutions of + 3 molybdenum are 
prepared by the reduction of molybdic acid by powerful 
reducing agents. The color of the solutions is generally an 
olive green. The hydroxide, Mo(OH)3, (or hydrous oxide) 
is black, and insoluble in water or excess hydroxide. Upon 
ignition, it gives the oxide, M02O3. Ammonium sulfide 
precipitates the sulfide, M02S3, soluble in excess of the re- 
agent. The phosphate is also but slightly soluble. Complex 
ions are formed with halides, and with thiocyanate, e.g. 
KaMoCle and K3Mo(CNS)6; and the colors of these solu- 
tions vary from red to violet. 

19. The -f 4 State. — ^The sulfide, M0S2, is the principal 
ore of the element. The oxide, M0O2, forms when the ses- 
quioxide is heated in air, or the trioxide is reduced with 
hydrogen (500°) or carbon (700°). The chloride, bromide, 
and iodide may be prepared mixed with the dihalide, by 
heating the trihalide. These compounds are not soluble in 
water, and the ■+• 4 ion is not stable, probably being oxidized 
and reduced to MoO++^ and Mo+++. However, a number 
of water soluble complex cyanide and halide compounds 
have been prepared, e.g., K4Mo(CN)8, K4Mo02(CN)4, and 
HnMoU+a. 

20. The + 6 State. — The pentachloride. Mods, is made 
by heating the metal or lower chloride in chlorine. It is 
the only known oxygen-free compound of this state. In 
water, it hydrolyzes to the molybdenyl compound: M0CI5 
-h H2O = M0OCI3 -f- 2HC1. Compounds of the common 
acids, with MoO"'^ or M02'*’, are prepared by the reduction 
of molybdate in acid solution with moderately strong re- 
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ducing agents, e.g. SnCU. The addition of hydroxide to the 
solutions precipitates the hydroxide, MoO(OH) 3 , which 
may be decomposed to the pentoxide, M 02 O 6 . A delicate 
test for + 5 molybdenum is the formation of a deep red 
colored solution upon the addition of thiocyanate, probably 
Mo(OH) 2 (CNS) 3 . Mild reducing agents act upon an excess 
of molybdic acid with the production of a deep blue pre- 
cipitate, molybdenum blue, which appears to be a molyb- 
denyl molybdate, (MoO) 3 (Mo 04 ) 2 , or (Mo 02 ) 2 Mo 04 . In 
high acid concentration the reduction forms an ion, prob- 
ably Mo02'''. a number of complex chlorides, e.g. MoOCU 
and MoOCU" are known. 

21. The -f- 6 State. — The trioxide, M0O3, is a white solid 
which is soluble, one part in 500 parts of cold water, form- 
ing a slightly acid solution. The oxide is formed by roasting 
the disulfide in air, by the igniting of ammonium molybdate, 
or by the decomposition of a molybdate with hot nitric 
acid. In the latter case, if the solution is allowed to crys- 
tallize in the cold, yellow molybdic acid, H 2 Mo 04 *H 20 , 
separates. 

The oxide forms normal molybdates, e.g. Na 2 Mo 04 , 
especially if fused with basic oxides or carbonates; but these 
normal salts are in general unstable, if soluble in water, and 
tend to form polymolybdates. The complexity of the poly- 
ion depends upon the hydrogen ion concentration and the 
following values have been given; pH, 14-6.5, Mo 04 “*; 
pH, 6.3-4.5, (MosOii)-^ pH 4.5-1.5, (M 06 O 21 )-®; pH, 1.25, 
(Moi 204 i)““; and pH 1.0, (Mo24078)~^^- Commercial am- 
monium molybdate has a composition which is approx- 
imately (NH4)6 Mo 70244H20, but it may not be a definite 
compound. Lead and the alkaline earth normal molybdates 
are but slightly soluble, similar to the sulfates and chro- 
mates. (Cf. molybdenum orange, XVn — 36.) The slightly 
soluble molybdenyl molybdate has been mentioned above. 

A compound of analytical importance is the ammonium 
phospho-molybdate, (NH 4 ) 3 P 04 T 2 Mo 03 . It forms as a 
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yellow precipitate, when a solution of ammonium molyb- 
date is added to a solution of orthophosphate in nitric acid. 
It is readily soluble in ammonia or alkalies and in phos- 
phoric acid, and its solubility is increased in the presence of 
chloride and many organic acids. Its importance in analyt- 
ical work lies in its use in separating phosphate from iron 
and other ions which form slightly soluble phosphates. The 
composition of the precipitate is approximately as written, 
but may contain slightly less M0O3, depending on the con- 
ditions of precipitation. 

Rubidium and thallium phosphomolybdates are likewise 
insoluble in nitric acid, as are also salts of many of the 
heavy metals, if the solutions are not too acid. A number of 
other phosphomolybdate complexes also exist: for example, 
the compound, (NH4)6(P04)2'5Mo03"7H20, crystallizes from 
the solution formed by dissolving the ordinary precipi- 
tate in excess ammonia. 

22. Normal molybdates form with hydrogen peroxide the 
red peroxy-acid, H2M0O8, and salts of this peroxy-acid have 
been prepared. With the polymolybdates more complicated 
peroxy-acids are formed. 

The trioxide acts toward strong acids as a basic oxide ; with 
hydrochloric acid it forms the somewhat volatile oxychlo- 
ride, MoO(OH)2Cl2: and with sulfuric acid the oxysulfate, 
M0O2SO4. Oxybrom compounds also form, but the iodine 
compounds are not stable. Fluorine forms a hexahalide, 
MoFe, when the metal is heated in the halogen. 

Hydrogen sulfide gives with an acid solution of molyb- 
dates a precipitate of the sulfide, M0S3. This compound is 
soluble in excess ammonium sulfide with the formation of 
thiomolybdate. 


Compounds of Tungsten 

23. Oxidation States. — Compounds are known contain- 
ing tungsten with the positive oxidation numbers 2, 3, 4, 5, 
and 6. The -j- 6 compounds alone are of importance. In 
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alkaline solution the tungstates ( + 6) are very stable, but 
tungstic acid in the presence of hydrochloric acid is re- 
duced by stannous chloride to a blue compound, probably 
(W02)2(W04); and stronger reducing agents, e.g. tin, will 
reduce the solution to WO"*^ (green), and upon further 
action to complex ions of W+^, probably W(0H)Cl4~ (red 

brown color), and of W■'■^ probably W2CI9 (reddish 

blue). The following potentials are only approximate and 
are considerably modified in the presence of halide ions. 

Volts 25® 

W«W+++ + 3e“ <0.05 

W+++ + 2 H 2 O - WO 2 + 4H+ + > 0.05 

2 WO 2 4- H 2 O - W 2 O 6 + 2H+ + 25- 0.0 

W 2 O 6 + H 2 O - 2 WO 3 + 2H+ + 2e- - 0.15 

WOClr 4- H 2 O = WO 2 CI 3 - 4- Cl- + 2H+ 4- - 0.26 


24 . The -f 2 Compounds. — ^The halides, WCI2, WBr2, 
WI2, have been prepared by the action of reducing agents 
upon higher halides at high temperatures. The chloride is 
somewhat soluble in water, but the solution hydrolyzes to 
some complex substance; the compound HW3Cl7‘4|H20 
has been obtained from alcoholic solutions. 

26 . The -f- 3 Compoimds. — ^Alkali and ammonia salts, 
of the general formula, R3W2CI9, have been prepared by the 
reduction of tungstic acid with tin, but no simple com- 
pounds of this valence are known. Crystal structure data 
indicate that the ion (W2Cl9)~^ has an interesting structure. 
Six chloride ions form an octahedron about the tungsten as 
indicated in the following diagram: 


Cl Cl Cl 

\ / \ / 

Cl— W— Cl— W— Cl 

/ \ / \ 

Cl Cl Cl 


26 . The -f 4 Compounds. — ^The dioxide, WO2, is formed 
by heating the trioxide in hydrogen, but if too high a tem- 
perature is employed the oxide is reduced to the metal. 
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The oxide is also a product of the hydrolysis of the tetra- 
chloride, or of tetravalent solutions. It is readily oxidized, 
and with alkali evolves hydrogen and forms tungstate. It is 
only slightly soluble in acids. Anhydrous tetrachloride and 
iodide may be prepared at high temperatures, but they are 
readily hydrolyzed by water. The complex cyanide ion, 
W(CN)8'^, is stable in water solution, and many of its salts 
have been prepared. The sulfide, WSa, forms when the 
trisulfide is ignited. The compound is not soluble in water 
or dilute hydrogen ion. 

27. The + 6 Compounds. — ^The chloride, WCh, and 

bromide, WBrs, are formed by carefully reducing the hexa- 
halides in hydrogen. The compounds are readily soluble 
in water, forming light green solutions which contain the 
ions or WO2+; with excess halide the solution ap- 

pears to form complex halides such as WOCU . 

Similar solutions are formed by the cathodic reduction, 
or reduction by tin of alcoholic solutions of tungstic acid in 
hydrochloric acid. When oxalic acid is used, complex 
oxalates are formed, e.g. Na3W02(C204)2. Compounds of 
the complex cyanide ion W(CN)8“® are known. 

The addition of ammonia to solutions of the complex 
chlorides precipitates the hydroxide W(OH)8. The sulfide 
is not known. 

Stannous chloride gives with tungstic acid a blue precipi- 
tate, tungsten blue, which probably has the composition 
(W02)2W04. 

28. The -f- 6 Compoimds. — ^The yellow trioxide, WO3, 
occurs as the mineral wolframocher. It is readily prepared 
by gently igniting the acid, which is obtained from its salts 
by digestion with hydrochloric acid. In the cold, the hy- 
drated acid, H2W04’H20, separates, while in hot solutions, 
the anhydrous acid precipitates. The former is somewhat 
soluble in water, but the latter neither dissolves in water 
nor any acid, except hydrofluoric. 

The trioxide also forms many polytungstates. Thus, 
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compounds with sodium oxide of the general formula 
(Na20)n(W03)m ure known, in which, when n = 1, m may 
vary from 1 to 6; and more complicated compounds in 
which both n and m are large numbers. Except for a few of 
the alkali compounds, the tungstates are not soluble in 
water. Although the normal sodium salt, Na2W04*2H20, is 
readily prepared, the commercial “tungstate of soda” is 
the paratungstate, NaioWi204i*28H20. This salt is em- 
ployed as a mordant in dyeing. 

Like molybdenum, the trioxide forms a number of phos- 
photungstic acids. The acid, H 3 P 04 ‘ 12 W 08 , is used as a 
reagent to precipitate alkaloids and proteins. The oxide 
also forms silicottmgstic acids: e.g. by boiling silica with 
ammonium polytungstate, the compound, (NH4)8SiWio036 
•8H2O, is obtained. 

When a solution of sodium paratungstate is boiled with 
hydrogen peroxide, the solution is found to contain the 
peroxytungstate, NaW04'H20, and many complicated com- 
pounds have been obtained. 

Tungstates are converted by alkali sulfides into thiotung- 
states, e.g. (NH4)2WS4; when these solutions are acidified, 
the trisulfide, WS3, is precipitated. 

The hexahalides, WFe, WCL, and WBre result from the 
action of the halogens upon the heated metal. The fluoride 
is also formed by the reaction: WCle -f 6HF = WFe 
+ 6 HC 1 . The oxyhalides, WO2X2 and WOX4, may also be 
prepared. The fluorides, and also the trioxide, are soluble 
in excess of fluoride to form complex ions, e.g. WO2F4 . 

Uranium Compounds 

29 . Oxidation States. — Uranium shows the same numer- 
ous oxidation states as the other members of the group, but 
only the -|- 4 and -f- 6 states are stable in aqueous solutions. 
Thus a trichloride and a pentachloride may be prepared at 
high temperatures, but the former is oxidized by water with 
the evolution of hydrogen, and the latter decomposes in 
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water into compounds of the + 4 and + 6 states. The diox- 
ide basic and the trioxide amphoteric, forming with alkalies, 
uranates, and with acids, uranyl compounds, giving the 
uranyl ion UO2++. The following oxidation-reduction po- 
tentials may be given : 


Volts 

U - UO 2 -h 4H+ -F 4e- -1-1.4 

UO 2 = UO 2 ++ + 2e- - 0.34 

U+++ = U++++ + e- CO. +0.5 


30 . The + 4 Compounds. — The hydrated oxide, UO2 
•2H2O, precipitates when an alkali is added to a uranous 
solution. The anhydrous oxide may be formed by heating 
the hydrate, or by reduction of the uranous uranic oxide, 
UsOs, with hydrogen. This oxide is soluble in strong acids 
forming green solutions of uranous ion. The tetrafiuoride, 
UF4, may be precipitated from uranous solution by fluoride 
ion. The other tetrahalides are soluble, however, and the 
anhydrous chloride may be prepared along with some of 
the pentachloride by the action of chlorine upon the metal, 
or CCI4 upon U3O4. The sulfide, US2, forms when the ele- 
ments are heated together around 500 °. 

31 . The + 6 Compounds. — ^When uranium ores are ex- 
tracted with a sulfuric nitric acid mixture, the oxide, UsOs, 
is dissolved to form a yellow solution containing tiranyl 
ion, U 02 '*^. The trioxide, UO3, is difficult to prepare from 
this solution, as alkalies precipitate alkali uranate. It may, 
however, be prepared by the decomposition of uranyl ni- 
trate. Upon heating, it forms UsOs, and possibly at higher 
temperatures, U2O6. 

The uranyl ion forms slightly soluble compounds with 
phosphates, U02HP04-4H20, UO2NH4PO3; arsenates, 
(U02)3 (As 04)2; double alkali carbonates, U02K4(C03)3; 
sulfites, UO2SO34H2O; complex alkali fluorides, K3UO2F5; 
and sulfide, UO2S. The sulfide is soluble in acid and in 
ammonium carbonate solution. Uranyl halides, acetate, 
sulfate, and nitrate are soluble. 
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Uranyl salts show remarkable fluorescence, and are also 
subject to photochemical reduction by many organic com- 
pounds; for example, uranyl sulfate in sulfuric acid solution 
is reduced by alcohol in the sunlight to uranous sulfate. 

The more common uranates are di-uranates, e.g., K2U2O7. 
They are not soluble in water, but dissolve in acids. The 
sodium salt, known as uranium yellow, is used in the 
manufacture of fluorescent uranium glass, and also as a 
porcelain pigment. 

Hydrogen peroxide forms, with uranyl nitrate solution, a 
precipitate of the peroxide, U04‘4H20: and alkali peroxides 
form peroxy-uranates, e.g. Na2U06-4H20. 

32 . Analytical. — In the systematic separation of the 
metallic elements, chromium and uranium are associated 
with the aluminum group in that they are not precipitated 
by H2S in 0 . 3 iV H+, but are precipitated by NH4OH and 
(NH4)2S as Cr(OH)3 and UO2S, respectively. When these 
precipitates are dissolved in nitric acid and treated with 
sodium peroxide, the elements remain in solution as 
Na2Cr04 and U04*2Na202. Chromium may be identified 
by the precipitation of lead chromate from dilute nitric 
acid solution, and the uranium may be precipitated from a 
solution of U02(N03)2 as NH4UO2PO4. The ion, UO2++, 
also gives a deep red precipitate with ferrocyanide, K2UO2- 
Fe(CN)6. 

Molybdenum resembles antimony in that it is precipi- 
tated by H2S in 0 . 3 N H+j and the sulfide is soluble in am- 
monium sulfide to form the thio-salt. The filtrate from the 
hydrogen sulfide precipitation, however, is colored blue 
through the reduction of some of the molybdenum. 

In the absence of phosphate, the oxides UO3 and M0O3 
remain as a residue when their compounds are evaporated 
with the acids, HNO3 + HCIO4, and the product washed 
with water. These oxides are soluble in hydrogen fluoride, 
and the hydrated oxide, H2WO4, is not soluble in 2 N HCl 
while H2M0O4 is. 
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Tungstate gives a precipitate of tungsten blue with stan- 
nous chloride in dilute HCl; and molybdate gives a pre- 
cipitate of molybdenum blue with stannous chloride in 
12iV HCl, and an orange color (Mo+®) in dilute acid. The 
Mo+° solution forms, with KCNS, a deep red color of 
MoO(CNS)3. 

In gravimetric analysis, the following pure compounds 
may be separated and weighed: Cr 203 , BaCr 04 , M0O3, 
PbMo 04 , WO3, and U3O8. The trioxides of molybdenum 
and tungsten may be separated by precipitating the mer- 
curous salts, which are then ignited to the oxide. 

In volumetric analysis dichromate may be titrated 
against ferrous ion, or an excess of iodide may be added to 
dichromate in acid, and the iodine titrated with thiosulfate. 

Molybdates may be reduced to Mo02'^ with hydrogen 
iodide, and the iodine determined with thiosulfate, or the 
molybdate may be reduced to Mo"'”'^ by zinc, and the 
product titrated with permanganate. 

Uranates may also be reduced with zinc and the solution 
of U 02 '*^ titrated with permanganate. 


Chapter XVIII 


SUBGROUP VII. MANGANESE AND RHENIUM 

1. Although manganese is one of the more abundant 
elements, the other two members of Subgroup VII, masu- 
rium and rhenium, but recently discovered, exist in ex- 
tremely small amounts. Almost our only knowledge of 
masurium is the presence of lines in the X-ray spectrum 
of certain platinum and columbium compounds, whose 
frequencies correspond to those calculated for the element of 
atomic number 43. 

The discussion of the relation of atomic structure and 
oxidation states of the elements of Subgroup VI is also 
applicable to Subgroup VII except, of course, that these 
elements possess one more electron. In the -f 7 state they 
show certain resemblances to the perhalates, but in the 
lower states they are more closely related to the elements 
of neighboring atomic numbers. These latter relations are 
further discussed in Chapter XIX. The — 1 state of 
rhenium has been reported. This seems most remarkable, 
since octet formation is otherwise restricted to s-p electron 
groups. 

2. Occurrence. — Manganese is ranked 9th among the 
metals in order of abundance, the estimated percentage in 
igneous rocks being 0.10. The principal ore is pyrolusite, 
MnOz. Other minerals are braunite, Mn203; manganite, 
Mn203-H20; hausmannite, Mn304; rhodochrosite, MnCOs; 
alabandite, MnS; hauerite, MnS2. The manganese ores 
are generally associated with iron. 
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The principal commercial source of rhenium is the copper- 
bearing slates of Germany where it is present 1 to 5 parts 
per million. It is concentrated along with the molybdenum 
present. 

3. The Metals. — Manganese is difficult to prepare in 
the pure state by reduction with carbon, as it forms a 
series of solid solutions with the carbide, MnsC. It is 
generally prepared by the reduction of the oxide by alu- 
minum. However, all of the manganese consumed in the 
steel industry is utilized in the form of the iron alloys, 
Spiegel iron (15-25 per cent Mn) and ferromanganese 
(70-80 per cent Mn), which are prepared by reducing the 
mixed ores in the blast furnace. About a million tons of 
manganese ore (containing about 35 per cent Mn) are im- 
ported annually by the United States. 

The pure metal is reddish-gray, and relatively soft com- 
pared to iron, but if it contains carbon, it is very hard and 
brittle. The melting point is lower than those of either 
iron or chromium. The metal tarnishes readily in moist 
air, especially if it contains the carbide, MnsC, which 
evolves methane and hydrogen with water. 

The introduction of manganese into steel improves the 
rolling and forging qualities of the steel and contributes 
toughness and resistance to wear. It is considered to be 
the best deoxidizing and desulfurizing agent for steel, this 


TABLE I 

Atomic and Physical Properties of Elements of Subgroup VII 



Mn 

Ma 

Re 

Atomic weight 

54.93 

98-99 

186.31 

Atomic number 

25 

43 

75 

Isotopes 

55 

— 

185, 187 

Density 

7.2 

— 

21.4 

Melting point, ® C 

1220 

— 

3440 

Boiling point, ° C 

2150 

— 

— 

Electrical resistivity, ohm-cm 

5 X 10-6 

— 

2 X 10-6 

Ionization potential of gas atom, 




volts 

7.4 

— 

— 
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property depending, in part, upon the very slight solubility 
of the manganous oxide and sulfide in molten iron. 

Manganese bronze contains about 30 per cent manganese 
in copper. The alloy manganin (Cu 84, Mn 12, Ni 4) has a 
very low temperature coefficient of resistance and is used 
in electrical instruments. 

Rhenium metal may be prepared by electrolytic precip- 
itation from water solution of the perrhenate. In contact 
with water it is readily oxidized back to the perrhenate. 
The metal is somewhat soft and ductile. There are no 
commercial uses at present. 


TABLE II 

Reactions of Manganese 


3Mn 4“ 2 O 2 = Mn 304 
Mn + 2H+ = Mn++ + Ha 
Mn 4- 2 H 2 O = Mn(OH )2 4- Ha 
Mn 4* Xa MnXa 
Mn 4- S « MnS 
3Mn + C = MnsC 

lOMn 4- 3N2 = 2Mn6N3 

2Mn 44KOH + 3 O 2 - 2K2Mn044-2H20 


Heated in air 
Slowly in cold 

X = halogen. F 2 also gives MnFa 
Heated together 

High temperature. With Si forms 
MnSi and MnaSi 

Burns in Na at 1200°. With P forms 
MnsPa and MnP 


4 . Reactions of the Metals. — ^The electropositive nature 
(Par. 6) of manganese renders it highly reactive toward oxi- 
dizing agents. The principal reactions are given in Table II. 
Rhenium is less electropositive than manganese and is 
not oxidized as readily by weak oxidizing agents,' but mod- 
erately strong oxidizing agents will carry it all the way up 
to the perrhenate. By direct reaction with the elements 
metallic rheniurti forms RezOv, ReFe, ReCU, ReBrs, and 
ReS2. 


Compounds of Manganese 

6. Oxidation States. — Manganese forms compounds hav- 
ing the positive oxidation states 2, 3, 4, 6, and 7. The two 
lower states are basic, the + 4 amphoteric, and the two 
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higher states acidic. There is evidence for the + 1 com- 
plex cyanide, e.g. K 5 Mn(CN) 6 . The oxidation-reduction 
potentials relating to the various states are summarized 
below: 


Volts 

Mn = Mn++ 2e- + 1.05 

Mn++ -I- 2HjO = MnOs + 4H+ -1- 2e- - 1.28 

Mn++ = Mn+++ + e- - 1.5 

M 11 +++ + 2 H 2 O = MnOs + 4H+ -F e- - 1.1 

MnOa + 40H- = MnOr" + 2H20 + 26" - 0.58 

MnOs + 2 H 2 O = MnOr + 4H+ + 3e- - 1.67 

MnOs + 40H- = MnOr 4- 2 H 2 O -t- 3e- - 0.57 

M 11 ++ + 4 H 2 O = MnOr + 8H+ -h Se- - 1.52 

Mn04 — = Mn04~ + e~ — 0.54 


A number of very important relations in the chemistry 
of manganese may be correlated with these values: 

Manganic ion, Mn+++, is unstable even at very low 
concentrations in respect to the decomposition: 2Mn+++ 
-f 2 H 2 O = Mn++ -F MnOj + 4H+ 

Manganate, Mn 04 , when acidified, decomposes to the 
dioxide and permanganate: 3 Mn 04 + 4H+ = MnOa 

-j- 2 Mn 04 ~ -j- 2H20. 

Permanganate in acid solution will oxidize manganous 
ion to the dioxide, and in alkaline solution will oxidize 
the dioxide to manganate. 

Manganese dioxide in concentrated acid, and perman- 
ganate in both concentrated acid and alkali, wdll slowly 
evolve oxygen from water. (See Oxidation-reduction Poten- 
tial of Oxygen.) 

Oxygen in normal alkali is not capable of oxidizing the 
dioxide to manganate, but the reaction does occur in fused 
potassium hydroxide. 

Excess of a reducing agent upon permanganate in acid 
solution yields manganous ion; but in alkaline or neutral 
solution the product is the dioxide. Partial reduction of 
permanganate in alkaline solution gives manganate, but 
excess of reducing agent gives the dioxide. 
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6. Manganous Ion. — Compounds of the + 2 state are 
known as manganous. They resemble magnesium and 
ferrous iron in their solubility relations, and are in general 
characterized by a delicate pink color. The hydroxide, 
Mn(OH)2, forms when alkali or ammonium hydroxides 
are added to a manganous solution. Like magnesium 
hydroxide, it is soluble in ammonium salts. In the air, it 
quickly darkens through the oxidation to manganic hy- 
droxide, Mn(OH)3, or possibly Mn0'Mn02’nH20. When 
heated in the absence of air, the hydroxide forms the oxide, 
MnO; and this, heated in air, is oxidized to Mn304. 

Alkali and ammonium carbonates precipitate the car- 
bonate, MnC03. This, like the hydroxide, is soluble in 
excess ammonium ion. 

The pink sulfide, MnS, though precipitated by soluble 
sulfides, is readily soluble in dilute acids. The moist solid 
oxidizes, upon standing in the air, to the sulfate. 

The sulfate, nitrate, halides, and cyanide are soluble; 
arid the last forms the complex ions Mn(CN)3~ and 
Mn(CN)6 . The sulfate crystallizes in a number of 
hydrated forms, a transition from the penta-hydrate to 
the tetra-hydrate occurring at about 26 °. It forms double 
salts, such as K2S04*MnS04*6H20, isomorphous with the 
corresponding salts of magnesium. 

The ammonium phosphate, NH4MnP04, ferrocyanide, 
Mn2Fe(CN)6, and oxalate, MnC204‘2H20, are but slightly 
soluble, and are of importance in analjrtical work. 

7 . Manganese in the + 3 State. — Reference has been 
made in the preceding paragraph to the formation of the 
hydroxide, Mn(OH)3 (probably hydrous oxide), by oxida- 
tion of manganous hydroxide. Due to the instability of 
the manganic ion, Mn+++ (Par. 6), the only compounds 
which can be prepared from water solutions are slightly 
soluble, or slightly dissociated. 

The trifluoride may be prepared by the action of fluorine 
upon the metal, and the trichloride by the decomposition 
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of the tetrachloride. In water, they decompose, e.g. 2 MnF 3 
+ 2H2O = Mn++ + 6 F~ + MnOg + 4 H+, but a deep red 
solution containing the complex fluoride, K2MnF6, may be 
prepared by dissolving the hydroxide in excess of potassium 
acid fluoride. There is evidence of the formation of some 
H2MnCl5 when the dioxide is treated with concentrated 
hydrochloric acid. Powerful oxidizing agents in concen- 
trated hydrochloric acid oxidize manganous ion to the 
complex chloride. The hydroxide in sulfuric acid forms an 
unstable sulfate, and alums have been prepared. Powerful 
oxidizing agents, e.g. KMn04, convert manganous ion, in 
excess acetic acid, into manganic acetate. 

8 . Manganese Dioxide. — ^The chemistry of -h 4 man- 
ganese deals largely with the dioxide, Mn 02 . As the min- 
eral, pyrolusite, it is the most important source of the 
element. In many respects, the dioxide resembles lead 
dioxide; and like the latter, although essentially ampho- 
teric, it is comparatively inert toward both acids and bases. 
In cold concentrated hydrochloric acid, the oxide dissolves 
slowly to form a green solution of the tetrachloride, and 
the hydrous dioxide may be reprecipitated from this solu- 
tion; but upon heating, chlorine is evolved and manganous 
chloride formed. The sulfate may also be obtained in solu- 
tion, but it is very unstable toward the evolution of oxy- 
gen. A complex fluoride, K2MnF6, however, is more stable. 

The oxide does not dissolve readily in alkali, but man- 
ganites are formed by fusing the oxide with certain basic 
oxides. Calcium manganite, CaMn206, is prepared by 
oxidizing manganous oxide with bleaching powder, and 
potassium manganite, K2Mn60ii, by passing carbon diox- 
ide into potassium manganate solution. The oxides, Mn 20 s 
and MnsOi, may be considered as manganous manganites; 
upon heating, the dioxide loses oxygen to form these oxides 
or possibly solid solutions of the type (Mn0)u(Mn02)m. 

The oxidation-reduction potentials of the dioxide have 
been discussed in Paragraph 6 . 
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Manganese dioxide is employed in the paint and varnish 
industry to catalyze the oxidation of oils by oxygen, i.e. 
the drying process. The glass industry employs the dioxide 
to neutralize the green color of ferrous silicate impurities. 
The largest use (about 30,000 tons in U. S. annually) of 
the dioxide is as the oxidizing constituent of the ordinary 
dry cell. 

9. “Dry Cells.” — ^The dry Leclanch^ battery, generally 
called the “dry cell,” consists of a zinc anode, a cathode 
of carbon packed in manganCvse dioxide, and an electrolyte 
of ammonium chloride solution, containing a little zinc 
chloride, which is held in a porous solid (kieselguhr). The 
anode reaction is Zn + 2 C 1 ~ = ZnCl2(s) + 2 e~; and the 
cathode reaction, MnOa + NH4+ + 2H2O + e~ = NH4OH 
+ Mn(OH)3. The voltage is 1 . 48 . Large currents cannot 
be drawn from the cell, owing to the polarization of the 
cathode, possibly due to the slow diffusion of the elec- 
trolyte. 

10. Manganate. — ^When manganese dioxide is fused with 
potassium hydroxide, some decomposition occurs: 3Mn02 
-f 2 KOH = Mn203 -|- K2Mn04 -f- H2O. In the presence of 
air or other oxidizing agents, as potassium chlorate, the man- 
ganese is all oxidized to manganate : 2Mn02 + 4 KOH -+- O* 
= 2K2Mn04 + 2H2O. The potassium compound is soluble 
in water, giving a green solution, from which the salt may 
be crystallized. Manganates are somewhat similar in solu- 
bility to sulfates. The free acid cannot be prepared because 
of the decomposition into the dioxide and permanganate: 
3Mn04“ + 4 H+ = Mn02 -f 2Mn04- + 2H2O; but the 
very unstable trioxide has been prepared by the reaction : 
(Mn03)2S04 -j- Na2C03 = Na2S04 4- 2Mn03 -b CO2 -b 2O2. 
Reference should be made to Paragraph 6 for the oxidation- 
reduction relations of manganate. 

11. Per mang anate. — ^When the concentration of hydrox- 
ide in a manganate solution is decreased, the color changes 
from green to purple with the formation of permanganate 
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and the dioxide: 3Mn04 + 2H2O = 2Mn04~ + MnOj 

+ 40 H~. The conversion of manganate into permanganate 
may also be carried out by powerful oxidizing agents in 
alkaline solution: e.g. 2Mn04 + C 10 ~ + H2O = 2Mn04~ 

+ Cl- + 20 H-. 

A solution of permanganic acid, HMn04, may be pre- 
pared by the reaction of dilute sulfuric acid and barium 
permanganate, or by the oxidation of manganous sulfate 
by lead dioxide: 2MnS04 + 5 Pb 02 + 3H3SO4 = 2HMn04 
-f 5PbS04 + 2H2O. The solution decomposes upon boil- 
ing, or in the sunlight. When potassium permanganate is 
treated with cold concentrated sulfuric acid, the solution 
turns green through the formation of the sulfate, (Mn03)2- 
SO4; and upon the careful addition of cold water, the 
heptoxide, Mn207, separates as a dark brown, highly ex- 
plosive liquid. 

Alkali permanganates are usually prepared commercially 
by fusing the dioxide with alkali hydroxide in air to form 
the manganate, followed by oxidation with chlorine in the 
alkaline solution. They may also be prepared by the anodic 
oxidation of manganate. 

If a pure permanganate is desired, the potassium salt is 
generally employed instead of the sodium salt, as the great 
solubility of the latter renders it difficult to prepare free 
from impurities. Alkali permanganates are used as disin- 
fectants (Condy’s Liquid), as oxidizing agents in industrial 
processes, and as volumetric reagents (Par. 15 ). 

Compounds of Rhenium 

12 . Oxidation States. — Rhenium forms the oxides Re203, 
Re 02 , ReOs, Re207 and claims have been made for the 
formation of Re 20 . Halides or complex halides are known 
corresponding to the oxidation states - 1 - 3 , -f 4 , -(- 5 , + 6 , 
and + 7 . When perrhenate is reduced in acid solution with 
zinc, eight equivalents of oxidizing agent are required to 
oxidize the solution, and this constitutes evidence for the 
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existence of rhenide ion, Re • The following potentials are 
only approximate : 


Volts 25® 

Re + H 2 O ~ Re04 + SH'*' + le~ — 0.15 

Re -h 2 H 2 O = ReOg 4“ 4H‘^ -{- 4^” ca, 0.0 

ReCU 4" 4 H 2 O = Re 04 “ 4" 6CI’" 4* + Se" ca.-- 0.5 

Re Hh 4C1~ ’= ReCl4” 4* 3e” >0.1 

Re” = Re 4" ca. 0.4 


13. Perrhenate. — ^The oxide, Re207, is colorless and dis- 
solves readily in water to give the solution of perrhenic acid, 
HReOi. The potassium, silver, and thallous salts are but 
slightly soluble. So-called "mesoperrhenates,” e.g. Baa- 
(Re05)2, are formed with excess base. The acid is a poor 
oxidizing agent (Par. 12) but in the presence of hydrochloric 
acid it is somewhat more powerful because of the formation 
of the complex ion ReCle , and will oxidize iodide. The 
sulfide, ReaSr, is precipitated by HjS in ammonia solution 
and is soluble in excess sulfide with the formation of thio- 
perrhenate, ReS4“. 

14. The Lower Oxidation States. — ^The complex chloride 
ions, ReCl4~and ReCle , naay be prepared by the reduction 
of perrhenate in hydrochloric acid and a -f 5 complex 
stable in high chloride has been reported although the com- 
pound ReCle is said to decompose in water into Re04“ and 
ReCle . The trioxide is soluble in hydroxide, but the solu- 
tion is unstable with respect to decomposition into ReOe 
and Re02. However, the barium renate, BaRe04, has been 
described. The dioxide is amphoteric but somewhat inert 
to both acids and bases. The hydrous sesquioxide is pre- 
cipitated by hydrolysis of the trichloride. The sulfide, 
ReS2, is formed when Re2S7 is heated. The highest fluoride 
which has been reported is ReFe. The compounds K2ReF6 
•ReOF4, and Re02F2 have been prepared. 

15. Analytical. — Potassium permanganate is the most 
widely used oxidizing agent in volumetric analysis. Its im- 
portance depends upon its ability to oxidize quantitatively 
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a very large number of substances. These include the direct 
oxidation to a higher oxidation state of ions or compounds 
of Fe++, Mn++, Cu+, Sn++, As+++, Sb+++, Ti+++, Mo+^ 
W+3, and V+^; the oxidation of the inorganic acids 
HNO2, H2SO3, H2S, H2O2, and HCNS; the oxidation of 
organic acids or their salts, such as oxalic and formic acids. In 
addition to these determinations by direct oxidation, many 
methods of indirect determinations have been worked out, 
such as the precipitation of Ca, Sr, Ba, Cu, Pb, Zn, Hg (us), 
Ce, and La as oxalates, and the subsequent oxidation of the 
oxalic acid; the determination of phosphate by the pre- 
cipitation of (NH3)3P04*12 Mo 03, and the subsequent re- 
duction of the M0O3 to Mo"*^ and reoxidation ; the deter- 
mination of potassium by precipitation with cobalt nitrite 
and the oxidation of the nitrite; and the standardization of 
Na2S203 solution by the addition of a known weight of 
KMn04 to excess I“, followed by the titration of the I2 
liberated by the thiosulfate. Powerful oxidizing agents, 
e.g. Pb02 may be determined by the addition of a known 
excess of a reducing agent, e.g. Fe"*^ and its titration by 
permanganate. 

In acid solution, permanganate is reduced to manganous 
ion : Mn04“ + -|- 5e~ = Mn''^ + 4H2O. Since 5 equiv- 

alents of electricity are involved, a one normal (one equiv- 
alent of oxidizing power) solution of permanganate is 
defined as 1/5 molal, when it is to be employed in the above 
reaction. Commercial potassium permanganate is not of 
sufficient purity to permit standardization by directly 
weighing out the salt; hence the solution is generally stand- 
ardized in terms of one of the following primary standards: 
sodium oxalate, oxalic acid, pure iron, or ferrous am- 
monium sulfate, (NH4)2S04*FeS04-6H20. 

One of the advantages of permanganate is that the dis- 
tinct color change of the reaction serves as an endpoint 
indicator. However, care must be taken in titrating a re- 
ducing agent with permanganate not to approach the end- 
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point too rapidly, as excess of the reagent may react with 
manganous ion to form compounds of Mn+® or Mn+'*, 
which might not be completely reduced. 

In alkaline or neutral solutions, permanganate is reduced 
to the dioxide: Mn04~ + 2H2O + 3 e~ = MnOj + 40 H“; 
hence a normal solution of permanganate for use under 
these conditions is defined as 1/3 molal. One of the im- 
portant applications of this reaction is in the titration of 
manganous salts in neutral solution: 3 Mn++ + 2Mn04~ 
-h 2H2O = SMnOs -f 4 H+. 

In the gravimetric determination of manganese, it may 
be precipitated as the ammonium manganese phosphate, 
and ignited to the pyrophosphate. Manganous compounds 
may also be precipitated as the dioxide by strong oxidizing 
agents, bromine water frequently being employed. Upon 
ignition, the dioxide yields Mn304. Gravimetric determina- 
tion may also be carried out with the manganous carbonate 
and sulfide. 

In the systematic scheme of qualitative analysis, man- 
ganese is associated with the group thrown down by am- 
monium sulfide (Append. VI). A very delicate confirmatory 
test is the formation of a purple permanganate color when a 
very small concentration of manganous is boiled with lead 
dioxide and concentrated nitric acid. 

Rhenium is precipitated as the sulfide in acid solution 
and like stannic sulfide is soluble in excess of sulfide. The 
element may be determined by precipitation of the slightly 
soluble AgRe04 or TlRe04, and also by precipitation wdth 
8 -hydroxyquinoline. 


Chapter XIX 


IRON, COBALT, AND NICKEL 

1. The first “transition series,” in which the electrons in 
the third quantum state (Append. XVIII) are being in- 
creased from 8 to 18, is complete with copper; and the three 
preceding elements, iron, cobalt, and nickel, constitute a 
triad possessing many common properties, as might be ex- 
pected from the fact that the differences in behavior are due 
merely to the number of d electrons. 

The free elements are metals of similar appearance, 
melting point, density, and other physical properties. They 
show marked resemblance to all the members of the transi- 
tion series, although a gradual change in properties may be 
noted between titanium and nickel (Table I). 

The three metals are readily oxidized to the -f 2 state, 
but the removal of an additional electron to form the + 3 
ion becomes increasingly difficult with increasing atomic 
number: thus, ferric ion is a good oxidizing agent; cobaltic 
ion a very powerful oxidizing agent; and nickelic ion is not 
known. The + 2 ions are similar in properties to the cor- 
responding ions of other elements of the series, especially 
the adjacent elements, as has been pointed out under 
chromium and manganese. 

Powerful oxidizing agents acting in alkaline solution form 
salts in which the elements are in the -|- 4 state, or, in the 
case of iron, the -f 6 state. These are the highest states 
shown by the group and in this respect they are intermediate 
to chromium and manganese, on the one hand, in which 
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TABLE I 


First Transition Series 



Ti 

V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu 

Zn 

Melting 
point. . 

1800 

1710 

1550 

1220 


1490 

1452 

1084 

419 

Density . 
Oxida- 

4.5 

5.9 

7.1 

7.2 

7.9 

8.9 

8.9 

8.9 

7.1 

tion 
states . 

(2), 3, 4 

3,4,5 

2,3,6 

2 , 4 , 6, 7 

2 , 3 , (6) 

2,3 

2,4 

1,2 

2 

Oxides . . 

— 

— 

— 

— 

— 

— 

NisO? 

CuaO 

— 


TiO 

VO 

CrO 

MnO 

FeO 

CoO 

NiO 

CuO 

ESI 


Ti203 

V 2 O 3 

Cr203 

MnaOs* 

FeaOs 

C 02 O 3 

NUOz* 

CU 2 O 3 

— 


— 

— 

— 

Mn304 

Fe304 

C 03 O 4 

NkOi 

— 

— 


Ti02 1 

VO 2 

CrOa* 

MnOa 

FeOat 

C 0 O 2 

NiOa 

— 

— 


— 

V 2 O 6 

— 

— 

— 

— 

— 

— 

— 


— 

— 

CrOa 

MnOs 

FeOst 

— 

— 

— 

— 


— 

— 

— 


— 

— 

— 

— 

— 

Ioniza- 










tion 










poten- 
tial . . . 

6.81 

6.71 

6.74 


7.83 

7.81 

7.61 

7.68 

9.36 


* This oxide may be a mixture of higher and lower oxides, 
t Oxide known only in compounds. 


all of the “transition” electrons may be removed, e.g. in 
chromate and permanganate, and to copper and zinc, on 
the other hand, in which one and none, respectively, of the 
electrons of the 18 group may be readily removed. These 
relations are further summarized in Table I. 

Another important characteristic of iron, cobalt, and 
nickel is the tendency to form complex ions. This property 
has been discussed in Chapter Vn as related to the very 
high fields of force existing about the “18 electron kernel” 
type of ion, and since these transition elements are ap- 
proaching to this structure, it is not surprising that they 
also possess this property to a high degree. 

A number of relations between iron, cobalt, and nickel, 
and the corresponding members of the second and third 
transition series, are discussed in connection with these 
elements. Chapter XX, but in general the “horizontal” 
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periodic relations are more marked than the “vertical,” 
e.g., iron resembles cobalt more than it does ruthenium. 

IRON 

2 . Occurrence. — The average percentage of iron in the 
igneous rocks is given as 5 . 01 . The percentage is doubtless 
higher in the low lying basaltic rocks, and the central core 
of the earth (diameter about 2,500 miles) is largely iron. 
The metallic meteors are generally over 90 per cent iron. 
Among the elements of the earth’s crust (outer ten miles) 
iron ranks only fourth in abundance. 

The free metal is rarely found on the earth’s surface, and 
then the specimen is generally of meteoric origin. Igneous 
rocks contain ferrous silicates isomorphous with magnesium 
silicates as [Mg, Fe]Si04 (cf. XIV — ^Table VI); ferric 
alumino-silicates as orthoclase, K[A 1 , FejSisOs; and numer- 
ous sulfides, the more important being pyrrhotite, FeS(S)x, 
and pyrites, FeS2. 

The weathering of the igneous rocks has resulted in the 
formation of deposits of oxides and carbonates which are 
the commercial source of the metal. The principal ores are : 
hematite, Fe203; brown ore, Fe203nH20, including Umonite, 
2Fe203*3H20; magnetite, Fe304; and siderite, spathic iron 
or “kidney ore,” FeCOs. 

In addition to the above, hundreds of minerals are known 
containing iron in combination with practically all of the 
acid oxides, and with the sulfides and compounds of other 
positive elements. Iron is also an essential constituent of 
the haemoglobin of the blood. 

3 . Pure Iron. — Iron is tetramorphous; the transition tem- 
peratures between the forms are given in Table II. A-iron, 
called ferrite, is a soft, tough, grey-white metal. The crystal 
lattice is the body-centered cubic type; the metal is highly 
paramagnetic. The transition from a- to / 3 -iron does not 
involve a change in the lattice structure, and appears to be 
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largely electronic in nature, as the unusually high magnetic 
permeability of a-iron disappears in jS-iron. The total 
energy absorbed in the transition is small, and the change 
appears to start many degrees below the recorded transition 
point. 

TABLE II 


Atomic and Physical Properties of Iron 


Atomic weight ... 

55.84 

Density, 20° C 

7.86 

Atomic number 

26 

Electrical resistivity. 


Isotopes 

54, 56, 

ohm-cm 

10.0 X io-« 


57, 58 

Size of the Fe'^+ ion, 


Electrons in various 


cm. X 10® 

0.75 

quantum levels, 1st. . 

2 

Ionization potential of 


2d ... . 

8 

gas atom, volts 

7.83 

3d. .. . 

8 4-6 

Tensile strength in lbs. 


4th. . . 

2 

per sq. in. : 


Boiling point, ° C 

2735 

Iron, cast 

13,000-33,000 

Melting point, ^ C 

1530. 

Iron, drawn 

50,000-100,000 

Transition temperatures: 


Steel 

40,000-300,000 

ato 

766 



0toy 

895 



7 to 5 

1400 




F-iron is but slightly magnetic in comparison to the 
a-form. Its lattice structure is face-centered cubic. F-iron 
forms solid solutions with iron carbide, and these may be 
obtained at room temperature in a metastable state by 
rapid quenching. The importance of this fact is discussed 
under Steel. Little is known regarding the properties of 
5-iron. 

Pure iron is of only slight commercial importance. It 
may be prepared by heating the oxide in a current of hy- 
drogen, and by the electrolysis of ferrous sulfate solution. 
In both of these preparations, the iron contains absorbed 
hydrogen which may be removed by heating in a vacuum. 
The hydrogen appears to dissolve to form a true solution; 
the same is true of nitrogen and other gases at high^, 
temperatures. 

4. Metallurgy of Pig Iron. — ^The basic principle involved 
in the smelting of iron is the reduction of the iron oxides by 
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carbon monoxide. At a comparatively low temperature, 
ferric oxide is converted completely to the magnetic oxide : 
3 Fe 203 + CO = 2 Fe 304 + CO 2 . At higher temperatures 
this oxide is reduced to ferrous oxide, and then to the metal, 
but these reactions involve measurable equilibria and are 
reversible, depending upon the relative pressures of carbon 
monoxide and dioxide. 


TABLE III 

Reactions of Carbon Monoxide and Oxides of Iron 
Values for the ratio COs/CO at various temperatures 


Reaction 

Temperature, ® 

C. 

700 

800 

900 

1.000 

Fe 304 4 - CO = 3FeO + CO 2 

0.68 


0.47 

0.40 

FeO -f CO = Fe + CO 2 

1.68 


3.24 

4.17 



The modem blast furnace operates so as to carry out 
these reactions in a continuous manner. The general outline 
of this furnace is indicated in Fig. 1. The dimensions are 
approximately 22 by 90 ft., and the construction is sheet 
steel lined with difficultly fusible siliceous fire brick. Only 
ores with low sulfur and phosphorus content are employed, 
and these may be subjected to a preliminary roasting in or- 
der to remove as much sulfur as possible. The ore contains 
siliceous material, and as all the charge is to be drawn from 
the furnace in the liquid state, sufficient limestone is added 
to form an easily fusible calcium silicate slag. Coke is now 
universally employed as fuel, and is introduced together 
with the ore and limestone at the top of the furnace. 

Dry air, preheated to 425 to 650°, is blown in through a 
number of water jacketed nozzles or tuyeres near the bot- 
tom. The air oxidizes the coke in the lower part of the 
furnace to carbon monoxide (cf. TTni — 6). The intense heat 
of this reaction liquefies the iron which has been reduced in 
the central part of the furnace by the hot carbon monoxide. 

From time to time, the molten metal is drawn off, and 
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Ore 

Coke 

Limestone 


either run into molds, or else conveyed directly to Bessemer 
converters, or open hearth furnaces, and made into steel. 
The crude iron is called cast iron, or “pig iron,” from the 
shape of the casts made in the old-fashioned furnaces. The 
impurities present depend considerably upon the composi- 
tion of the ore, the nature of the slag, and the temperature 
at which the furnace has been maintained. The following 
percentages are representative : C, 2^.5 ; Si, 0.7-3 ; S, 0. 1-0.3 ; 
P, 0.-3.0; Mn, 0.2-1. In gen- 
eral, a high temperature of 
reduction increases the per- 
centage of carbon and silicon, 
but diminishes that of the 
sulfur through the reaction: 

FeS -I- CaO -f CO = Fe 
-f- CaS -I- CO 2 . Practically M' 
all of the phosphorus in the FiueSas^ 
charge collects in the iron as 
FesP. 

The world production of 
pig iron in 1937 was about 
100 million tons, of which ap- 
proximately 40 per cent was 
made in the United States. 

The melting point of pig iron 
is about 1 150°. The metal is 
brittle and suitable only for 
castings not subject to shock. 

When cooled rapidly, the car- 
bon remains in combination 

and the product is called PJQ_ Blast furnace (diagrammatic), 
white cast iron; but when 

cooled slowly, much of the carbon separates as graphite and 
the product, known as grey cast iron, is softer and tougher. 

Blast furnace slag has the approximate percentage com- 
position: SiOj, 20-70; CaO and MgO, 25-50; AlaOs, 5-20; 


Hot Air 
Blast 
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CaS, 1^; FeO, 1. In some cases, the composition is such 
that the slag may be ground and made into cement. Large 
quantities are also used in paving, in combination with tar. 

The flue gas contains considerable heat value through its 
high carbon monoxide content. Part of the gas is burned in 
the so-called hot-blast stoves, which are used to preheat the 
air blast, and the rest is employed to develop power about 
the plant. The gas is generally cleaned from dust before 
using for power, and the solid obtained contains appreciable 
quantities of potassium salts, and constitutes a potential 
source of this alkali. 

6. Wrought Iron. — ^Wrought iron is manufactured from 
pig iron by oxidizing out the impurities through melting in a 
reverberatory furnace with iron oxide and a basic flux. As 
the iron becomes pure, its melting point rises, and the metal 
collects in lumps which are removed from the furnace. 
Wrought iron is soft and malleable. It possesses a fibrous 
structure due to the inclusion of slag, since the temperature 

of the process is not high 
enough to melt the pure iron 
and obtain a good separation 
from the slag. Wrought iron, 
while formerly of great im- 
portance, is now largely re- 
placed by mild steel. 

6. Steel. — Iron which con- 
tains from 0.05 to 2.0 per 
cent carbon and which is 
capable of being hardened 
when quenched is called steel. 
The properties of steel are greatly influenced by small 
amounts of carbon, as may be best explained by reference 
to the iron-carbon diagram. Fig. 2, 

If a molten solution of less than 4.2 per cent of carbon in 
iron is cooled, the solid which first separates is a solid solu- 
tion of carbon or iron carbide in 7 -iron, called austenite. 



Pearlite+ FcgC 


t}26 


1 2 3 4 6 6 6.67 

Per cent Carbon (6.67 %C== 100% FcjC) 

Fig. 2. The iron-carbon diagram. 
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(The diagram also shows a solution in S-iron above 1300'* 
but this is somewhat uncertain.) At higher concentrations 
of carbon, the solid phase which separates is cementite, 
FesC. This is metastable in respect to the decomposition 
into carbon and iron, but the reaction is not rapid. The 
eutectic of the austenite-cementite phases lies at about 
1150°. 

Austenite, containing more than 0.9 per cent carbon, 
upon cooling yields cementite; if it contains less carbon, it 
yields a- or /3-iron as shown in the diagram. The eutectic 
temperature is 690°, and the eutectic mixture of a-iron and 
cementite is known as pearlite. However, if austenite is 
cooled sufficiently rapidly, these transformations do not 
occur, and the solid solution may thus be obtained at room 
temperatures as a tough metal of low magnetic suscepti- 
bility. 


TABLE IV 

Composition and Physical Properties of Simple Carbon Steels 


Name 

Per Cent 
Carbon 

Tensile 
Strength 
Lbs. per Sq. In. 

Elastic Limit 

Lbs. per Sq. In. 

Very mild. 

0.05-0.15 

45,000- 54,000 

27,000-34,000 

Mild 

0.15-0.25 

54,000- 68,000 

34,000-10,000 

Low carbon 

0.25-0.40 

68,000- 78,000 

40,000-45,000 

Medium carbon 

0.40-0.60 

78,000- 90,000 

45,000-55,000 

Higher carbon 

0.60-0.70 

90,000-100,000 

54,000-64,000 

Spring 

0.70-0.80 

100,000-105,000 

64,000-72,000 

Pearlitic 

0.85 j 

110,000 

78,000 

Hypereutectoid 

0.85-1.5 

110, 000-1 80;000 



Various methods of heat treating steel are in use. Thus if 
supercooled high carbon austenite is heated above 750° C. 
rapid equilibrium is established and some cementite sepa- 
rates. If the steel is held at this temperature for some time 
and cooled slowly the process is called annealing; if cooled 
rapidly, quenching. Tempered steel is held for some time 
at a temperature below the point at which rapid equilibrium 
is established. 
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The properties of the heat treated steel are thus greatly 
affected by the temperature and length of time of the treat- 
ment, as this determines the size of the interlacing crystals. 
The terms martensite and sorbite are applied to intermedi- 
ate stages of the transformation of austenite into pearlite. 

7 . Many important special steels are made by the addi- 
tion of elements other than carbon. The presence of other 
elements greatly modifies the temperature of the iron- 
carbon phase diagram. Silicon is not only highly soluble in 
7 -iron, but also catalyzes the decomposition of cementite 
to carbon, thus rendering the steel soft. Nickel forms a com- 
plete series of solid solutions with 7-iron, and since the 
stable form of nickel is the face-centered cubic-lattice like 
7-iron, its presence tends to prevent the transformation of 
the latter into a-iron. The special high speed tool-steels 
(Par. 19 ) which retain their temper at high temperatures 
also owe their properties, at least in part, to interference 
with the change of 7- into «-iron. Reference should also be 
made to the metals Mn, Cr, Ni, W, V, and Mo for other 
special steels. 

The use of alloy cast iron has greatly increased in recent 
years, the principal alloying metals being chromium, nickel, 
copper, and molybdenum. The following are typical com- 
positions: automobile blocks, C, 3.3, Si, 2.2, Mn, 0.75, Cr, 
0.35, Ni, 0.70, Fe, balance; brake drums, C, 3.2, Si, 2.0, Mn, 
0.6, Cu, 1.0, Mo, 0.5, Fe, balance. 

8. Manufacture of Steel.— The American production of 
steel is about 50 million tons annually. Various manufac- 
turing processes are employed, depending upon the im- 
purities present and the type of steel desired. By far the 
largest percentage (91.5) of the steel manufactured in the 
United States is made by the open-hearth process. Of the 
remaining, 6.8 per cent is Bessemer and 1.7 per cent electric 
furnace. 

(a) Open-hearth Steel. The tremendous expansion of the 
steel industry in the past 50 years was rendered possible 
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through the development of the basic open-hearth process, 
whereby high-grade steel may be made from pig iron rela- 
tively high in phosphorus and sulfur. 

The process consists of heating a charge of pig iron and 
scrap steel with sufficient iron oxide to oxidize the sulfur, 
phosphorus, and most of the carbon, in a furnace lined with 
calcined magnesite or dolomite. The carbon monoxide 
formed escapes as a gas, while the oxides of sulfur and phos- 
phorus combine with the basic oxides to form a slag. The 
metal is contained in a shallow hearth (about 40 by 12 feet 
and 2 feet deep), and the heat is supplied by a gas flame 
directly over the surface. As mentioned above, the basic 
oxides also serve as a lining for the hearth. When the de- 
sired carbon content is reached, generally after about 8 
hours, the heating is stopped and the melted steel is run 
into large ladles. Some iron low in sulfur and phosphorus 
is made into steel by the acid open-hearth process, which is 
essentially the same as the above, except that the hearth 
lining is silica. 

(b) Bessemer Steel. In the Bessemer process, a blast of 
air is blown through molten pig iron until the impurities 
are oxidized. The acid process, in which the furnace is 
lined with silica, is applicable only to iron low in sulfur and 
phosphorus as these elements are not readily oxidized under 
these conditions. A basic lining is employed in certain 
European districts, which permits the removal of the phos- 
phorus in the basic slag; however, the iron must be low in 
sulfur. 

The Bessemer converter is a large egg-shaped vessel 
mounted on trunnions so as to turn about its shorter axis. 
The molten metal is poured in through the necklike opening 
in the top, while the converter is in a horizontal position. 
The air-blast, which enters through perforations in the bot- 
tom, is then turned on, and the converter raised to an up- 
right position. The heats of combustion of the carbon and 
silicon keep the metal molten in spite of the higher melting 
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point of the pure iron. The “blow” is finished in about 
ten minutes, and the converter is turned on its side so that 
a calculated quantity of carbon, manganese, or other metals 
may be added. 

(c) Crucible and Electrothermal Steel. The finest grades of 
tool-steel have long been made by heating wrought iron 
with pure carbon in small crucibles, and the product is 
known as crucible steel. Much of the high-grade steel is 
made in small electrically heated furnaces. The method is 
similar to the open-hearth process, except that the mode of 
heating permits more careful control. Most of the electric 
furnace product is alloy steel. 

(d) Case-hardened Steel. In the manufacture of armor 
plate, and many auto and other machine parts, it is often 
desirable to harden the surface and at the same time keep 
the toughness of the body of the metal. This is accom- 
plished by heating the article, packed in carbon or in cy- 
anide, until the desired amount of carbon is absorbed into 
the surface. Another form of surface hardening called 
nitriding consists in heating an alloy steel (usually contain- 
ing Al, Cr, or Mo) in an atmosphere of ammonia. Nitrides 
of the alloying metals are thus formed on the surface. 

9 . Reactions of Iron. — Iron is a good reducing agent at 
ordinary temperature, and a very powerful reducing agent 
at high temperature, combining readily with all of the nega- 
tive elements (Table V). 

Iron and oxygen do not react in the cold, but when heated 
they form ferroferric oxide, Fe804: and at higher tempera- 
tures ferric oxide, Fe203. 

The equilibria between iron, iron oxides, and steam are of 
considerable importance; and the ratios of H2O/H2 for the 
systems, Fe : FeO and FeO : Fe304, and given in Table V. 
The solid phases in these systems appear to be solid solu- 
tions. 

At lower temperatures the reaction is entirely 3 Fe 
+ 4H2O = Fe304 -f- 4H2, as ferrous oxide is unstable in 
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TABLE V 

Constants for the Iron and Steam Equilibria 




0 

0 

0 

800° 

900° 

1000° C. 

FeO "1" H 2 “ Fe -|- H 2 O 

Fe304 + H 2 = 3FeO + H 2 O 

00 

d d 

0.584 

1.45 

0.706 

2.98 

0.822 

5.50 

0.937 

9.12 


respect to iron and FezOt below 570°; and at 400°, the ratio, 
H 2 O/H 2 , in this equilibrium is about 0.2. 

The equilibria between iron, iron oxides, and the oxides 
of carbon have been discussed in connection with the blast 
furnace. Par. 4. 

Iron dissolves in dilute acids with the evolution of hydro- 
gen and the formation of ferrous salts. Strong oxidizing 
agents yield ferric compounds, but very powerful oxidizing 
agents, such as concentrated nitric acid or dichromate, 
render the metal passive; and in this condition it is not dis- 
solved by hydrogen ion nor will it reduce cupric solutions. 
Passivity is destroyed by scratching the surface, by the ac- 
tion of reducing agents, or by placing the metal in a power- 
ful magnetic field. The phenomenon appears to be due to 
the formation of a surface film of oxide. 

The rusting of iron involves two steps: (1) the oxidation 
to ferrous ion by acid, usually carbonic, i.e. Fe -I- 2 H 2 CO3 
= Fe"*^ -t- 2 HC 03 ~ + H 2 and (2) the formation of ferric 
oxide (iron rust) by the atmospheric oxygen: 4Fe''^ 
-h 8HCO3- -1-02+ 7H2O = 2Fe203-3H20 + 8H2CO3. 

The first step does not take place readily with pure iron, 
due to the over-voltage effect of hydrogen on the metal. 
Rusting is, therefore, favored by the presence of impurities 
which present surfaces for the escape of the gas. Pure water 
is about equal to ferrous ion as an oxidizing agent (Ap- 
pend. II), so there is not much driving power to the solution 
of the metal in pure water; the reaction is, of course, favored 
by increasing the concentration of hydrogen ion. 
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TABLE VI 
Reactions of Iron 


SFe 4” 2 O 2 = Fe304 
Fe 4- S = FeS 
2Fe 4- 3 X 2 = 2FeX3 
2Fe 4- 2H+ = Fe++ 4- Ha 
3Fe 4- C = FeaC 
Fe 4“ Si = FeSi 
SFe 4- P = FesP 

SFe 4” 4H20(8team) = Fe304 4“ 4 H 2 
Fe 4- 5CO = Fe{CO)5 
Fe 4- CO 2 = FeO 4- CO 
4Fe 4- 2 NH 3 - 2 Fe 2 N 4“ aHa 


Readily at 500°, FeaOa at higher temp. 
Heated 

Halogens except 1 2 which gives FeL 
Reaction potential 4- 0.44 volt 
Above 1,200° 

Also FeaSi 

See Table V 
See Par. 16 
See Table III 

Fe does not react directly with Na 


Compounds of Iron 

10, Oxidation States. — Iron forms two important series 
of salts: ferrous, with an oxidation state of 4- 2, and ferric, 
with an oxidation state of + 3. In addition, salts are known 
of ferrate ion, Fe 04 , in which iron has the + 6 oxidation 
state and there is some evidence for perferrite, FeOa . 

Oxidation-reduction potentials relating to the oxidation 
states are given below: 


Volts 

Fe = Fe++ 4- 2e- 4-0.44 

Fe 4- 20H- = Fe(OH )2 4- 2^- 4- 0.88 

Fe++ = Fe+++ 4- - 0.77 

Fe(OH )2 4- OH- = Fe(OH )3 4- e" 4“ 0.56 

Fe(CN)6 Fe(CN)e + e" (- 0.49) 

Fe+++ 4 . 4 H 2 O = FeOr- 4- SH+ 4 - 3e- < - 1.9 

Fe(OH )3 4- 50H- = FeOr" 4- 4 H 2 O 4- 3e- < - 0.9 


It follows from these values that the reaction, Fe 
+ 2Fe‘*^ = SFe'^t is practically quantitative. Also fer- 
rous iron is readily oxidized to ferric in alkaline solution, 
but much less readily in acid; in fact, acid ferrous solutions 
are oxidized to ferric only very slowly by the air, as the re- 
action potential is above that of oxygen to hydrogen perox- 
ide (Append. II), which is the first step of the oxygen re- 
action. The ferrates are such powerful oxidizing agents 
that they are difficult to prepare, and very unstable. 

11. Ferrous Compounds. — Ferrous compounds resemble 
manganous in their solubilities. The hydroxide, Fe(OH) 2 , 
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is precipitated from ferrous solutions by alkalies, but it is 
only moderately insoluble in water and its solubility is 
greatly increased in ammonium salts. The pure hydroxide 
is white, but in the air it quickly turns green, and then 
reddish-brown through oxidation to ferric hydroxide. The 
oxide, FeO, may be prepared by heating the oxalate, but 
the product contains some iron and ferric oxide. It bums 
when heated in air. Ferrous ion has a pale green color. 

Ferrous sulfide forms through the direct union of the 
elements. It forms as a black precipitate when soluble 
sulfides are added to neutral or basic ferrous solutions, but 
is readily soluble in acids. The naturally occurring sulfide 
genercJly contains an excess of sulfur in solid solution. 
Ferrous sulfide combines with sulfur to form the disulfide, 
FeSj, known as iron pyrites or “fools’ gold.” It occurs in 
nature as brass-colored cubic crystals. It is not dissolved 
by dilute acids, but is slowly decomposed by concentrated 
hydrochloric acid, FeS2 -t- 2HC1 = FeCl2 + H2S -f S, and 
rapidly by nitric acid with the oxidation of the sulfur. An 
orthorhombic modification called marcasite also occurs. 
Pyrite is an important source of sulfur for the manufacture 
of sulfuric acid. 

Ferrous sulfate, FeSO^, is the most important ferrous 
salt. It is prepared commercially by the oxidation of moist 
pyrites: 2FeS2 -1- 702 + 2H2O = 2FeS04 -f- 2H2SO4. The 
hydrate, FeS04*7H20, which crystallizes upon evaporation 
of the water solution, is known as green vitriol or copperas. 
It is used as a disinfectant, in the manufacture of dyes, and 
in the preparation of ink. 

The common black or blue inks contain the ferrous salt of 
gallotannic acid. This is not colored, but upon exposure to 
the air the black ferric salt is precipitated. A black or blue 
dye gives the initial color of the ink. 

Ferrous ammonium sulfate, (NH4)2Fe(S04)2’6H20, may 
be crystallized from equimolar solutions of the two sulfates. 
This salt is very stable toward oxidation by the air, and is 
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employed as a primary standard in quantitative analysis 
(cf. XVm— 12). 

Ferrous carbonate, FeCOs, is readily precipitated from 
ferrous solutions by soluble carbonates. It occurs in nature 
as the mineral, siderite. 

Ferrous halides are readily soluble in water. They may 
be prepared by various methods, e.g. by dissolving the 
metal in the halogen acid, or by the action of the halogen 
upon excess of the metal. 

Ferrous oxalate, FeC204, forms as a yellow precipitate 
upon the addition of oxalate to a ferrous solution. With 
excess reagent, it dissolves with the formation of a yellowish 
red solution containing the complex ion, Fe(C204)2 . 

Aqueous solutions of ferrous ion absorb nitric oxide with 
the formation of the ferronitroso complex ion, FeNO+''’. 
This is the basis of the “ring test” for nitrates (cf. XU — 39). 

The complex ferrous cyanides are discussed in Para- 
graph 13. 

12. Ferric Compounds. — ^Ferric oxide, Fe203, and its 
hydrate, Fe203*H20, are the most important ores of iron. 
In the various complex minerals containing this oxide, it 
generally behaves as an acid oxide, its salts being known as 
ferrites. One of the most common of these compounds is 
ferrous ferrite or magnetite, Fe304, i.e. Fe(Fe02)2. As its 
common name indicates, it is highly magnetic, and large 
specimens are known as “lode stones.” Ferrites may be 
prepared by fusing ferric oxide with basic oxides, e.g. 
NaFe02, Ca(Fe02)2, and ferrous acid, HFe02, is obtained 
by the action of water upon sodium ferrite. The oxide 
exists in many modifications. a:-Fe203, hematite, varies in 
color from yellow to dark red depending upon the state of 
subdivision. The ferromagnetic, or 7-Fe203 also is yellow 
to red. 

Around 3000° ferric oxide loses oxygen to form magnetite, 
but at lower temperatures, about 1300°, the reaction is 
slowly reversed : 4Fe304 + 02 = 6Fe203. 
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Finely divided ferric oxide under the names “rouge” and 
“Venetian red,” is used as an abrasive and as a pig- 
ment. 

Four forms of precipitated ferric oxide, so-called ferric 
hydroxide, are known. The addition of alkali to ferric solu- 
tions precipitates the brown gel which is hydrous a-Fe203. 
The slow hydrolysis of most ferric salts 5aelds a-Fe203'H20 
which dehydrates to o!-Fe203. The hydrolysis of ferric 
chloride forms i8-Fe203'H20. This also gives Q!-Fe203 upon 
dehydration. The oxidation of ferrous compounds and 
solutions with certain oxidizing agents forms Y-Fe203-H20 
which gives 7-Fe203 on dehydration. Ferric oxide sols are 
remarkably stable. They are ordinarily positively charged 
and may be coagulated by negative ions, but if the negative 
ion is strongly adsorbed, a reversal of the sign of the charge 
may occur with the formation of a negative sol. 

Ferric oxide is a weak base, and in water solution shows 
but slightly the acid properties exhibited by the oxide in its 
mineral compounds, in that it is not soluble in excess of 
dilute alkali, and only slightly in concentrated alkali. 

Due to the weak basic properties of ferric hydroxide, 
ferric salts are highly hydrolyzed, and their characteristic 
yellow brown color in solution appears to be due to the 
colloidal hydroxide or to basic ions. When this is repressed 
by acid, the yellow color becomes lighter. 

Ferric halides, except the iodide, may be prepared by the 
action of the halogen upon the metal, or by dissolving the 
hydroxide in acid. Iodide ion is oxidized by ferric ion: 
2 Fe"''++ -|- 21 ” = 2 Fe''^ + I2, but the reaction is not com- 
plete unless the equilibrium is displaced by the removal of 
the 1 2. The halides are very soluble, forming many hy- 
drates. With excess of halide ion, they form complex hal- 
ides; and many of the complex salts are known, e.g. K3FeF6 
and (NH4)2FeCl6. 

Magnetic data indicate that these complex ions are ionic 
in character and not covalent as, for example, are the com- 
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plex cyanides. The fluoride is quite stable and in solution 
does not oxidize iodide. 

Hydrogen sulfide in acid solution reduces ferric salts to 
ferrous with the precipitation of sulfur, but if ammonium 
sulfide is used, ferric sulfide, Fe2S3, is precipitated. The 
pure compound is unstable, but ferric sulfide complexes 
with other metallic sulfides occur in nature. 

Ferric sulfate, Fe2(S04)3, and ferric nitrate, Fe(N03)3, 
are both soluble, but tend to form basic salts by hydrolysis. 
The former, like most sulfates of + 3 ions, forms alums, 
e.g. KFe(S04)2-12H20. 

Ferric phosphate, FeP04, is a common constituent of 
phosphate rock. It is very slightly soluble, and may be 
precipitated from an acetic acid solution of ferric ion. It is, 
however, soluble in strong acids. 

Ferric ion, like the ferrous, also forms a complex oxalate 
ion, Fe(C204)3 , which accounts for the use of oxalic acid 

in removing ink and iron rust spots from fabrics. The 
soluble red thiocyanate Fe(SCN)3 forms the complex ion, 
Fe(SCN) 6 ~®, with excess of thiocyanate. 

13 . Complex Iron Cyanides. — Both ferrous and ferric ion 
form complex ions with excess cyanide, the former 3delding 
ferrocyanide, Fe(CN) 6 '^, and the latter ferricyanide, 
Fe(CN) 8 “®. These complex ions are so stable that their 
solutions show virtually none of the properties of the iron 
or cyanide ions. The structure of these ions is octohedral, 
which is the general structure of covalent complexes which 
involve two d, one s, and three p orbitals of the central atom. 

Sodium and potassium ferrocyanide, Na 4 Fe(CN) 6 T 0 H 2 O, 
and K 4 Fe(CN) 6 ‘ 3 H 20 , are usually prepared as by-products 
from the distillation of coal. A considerable portion of the 
nitrogen in coal is liberated as hydrogen cyanide, HCN. 
This is absorbed in iron oxide purifiers as iron cyanide, 
which is then treated with lime to form calcium ferrocy- 
anide; this, in turn, is converted into the alkali ferrocyanide. 
Formerly, the ferrocyanides were prepared by fusing nitrog- 
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enous material with potash and iron turnings. The potas- 
sium compound is commonly called “yellow prussiate of 
potash.” The hydrates decompose at about 100°, yielding 
colorless powders which ignite when heated in air. With 
concentrated sulfuric acid the cyanide ion is slowly hydro- 
lyzed, forming ammonium ion and carbon monoxide: 
K: 4 Fe(CN )6 + 6H2SO4 + 6H2O = 2K2SO4 + FeS04 
+ 3 (NH 4 ) 2 S 04 -f 6CO. When heated with metallic sodium, 
the iron is reduced and a mixture of metallic iron and alkali 
cyanide formed. With hydrochloric acid, the weak hydro- 
ferrocyanic acid, H4Fe(CN)6, is formed. This acid may be 
extracted from concentrated water solution by ether, from 
which it crystallizes as a colorless compound, stable in dry 
air, but readily oxidized in moist air. 

The ferrocyanide-ferricyanide couple possesses moder- 
ately strong oxidizing power. The value of the potential 
given in Par. 10 is for equal concentration of the two ions 
and is not corrected for the activities, the E° value is 
around — 0.36. Ferrocyanides are readily converted into 
ferricyanides by the action of chlorine in solution. The 
commercial preparation of potassium ferricyanide or “red 
prassiate of potash,” K8Fe(CN)6, depends upon this oxida- 
tion. The ferricyanide ion is not as stable as the ferrous 
complex, and decomposes slowly in the sunlight. 

Alkali ferrocyanides form with ferric ion, first a soluble 
blue compound, KFe 2 (CN) 6 , called potassium berlinate or 
soluble Prussian blue, and then a very slightly soluble pre- 
cipitate of Prussian blue, Fe7Ci8Ni8T0H2O, (vide infra), 
which is an important blue pigment. With ferrous ion, 
potassium ferrocyanide forms a white precipitate of potas- 
sium ferrous-ferrocyanide, K 2 Fe[Fe(CN) 6 ]. A number of 
the ferrocyanides are important in analytical chemistry, 
especially the compounds with zinc and uranium, Zn 3 K 2 - 
[Fe(CN) 6]2 and K 2 U 02 [Fe(CN) 6 ]. 

Ferricyanide yields with ferric ion a deep brown solution, 
probably of undissociated ferric ferricyanide. With ferrous 
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ion a precipitate, Turnbull’s blue, is formed. From X-ray 
analysis the structure of solid ferric ferricyanide has been 
determined as a cubic sodium chloride lattice. Each ferri- 
cyanide ion is thus surrounded by six ferric ions and the 
cyanide ion serves as a bond between the iron ions, FeCNFe. 
The structure of potassium berlinate is similar except that 
alternate small cubes contain a K+ in the center. The rela- 
tion of the iron and cyanide is also the same in the potas- 
sium ferrous-ferrocyanide, K2FeFe(CN)6, but in this case 
each small cube is occupied by a K+. Prussian blue appears 
to be ferric berlinate Fe[FeFe(CN)6]3 and the Turnbull’s 
blue ferrous berlinate, Fe[FeFe(CN)6]2. The linkage be- 
tween the berlinate ions in the solid is probably of the same 
type as that found for FeFe(CN)6. A number of copper 
ferrocyanides are known which are probably derivatives of 
similar supercomplexes, e.g., Cu[CuFe(CN)6], and K2- 
[CuFe(CN)6]. Zinc, however, appears to be unable to co- 
ordinate with six cyanides and the supercomplex structure 
is more complicated, e.g. [Zn3[Fe(CN)«]2]~^. 

Blue print paper is made by treating paper with a solution 
of ammonium ferricyanide and ferric citrate in the dark. 
When exposed to light, reduction of the iron by the citrate 
takes place with the formation of Prussian blue. The print 
is fixed by washing out the unchanged mixture with water. 

One of the cyanide groups, in either the ferro- or ferri- 
cyanide, may be replaced by other groups; e.g. NO, CO, 
SO3 , N02~, H2O, NH3, As 02“, forming complex pentacy- 
anides. Sodium ferri-nitrosopentacyanide, Na2FeNO(CN)B 
•2H20, gives an intense blue color with sulfide in alkaline 
solutions, thus constituting a delicate test for the latter 
substance. 

14. Perferrites and Ferrates. — ^Barium and strontium 
perferrites, BaFeOs, and SrFe03, have been prepared by 
heating mixtures of the hydroxide with ferric hydroxide in 
a current of oxygen. The compounds are decomposed by 
water, and there is but slight evidence for the formation of 



§ 15 ] 


IRON, COBALT, AND NICKEL 


397 


the dioxide of iron. The ferryl ion, FeO++, may possibly 
exist at low concentrations under some conditions. 

Powerful oxidizing agents in fused alkali or in very con- 
centrated alkaline solution oxidize ferric hydroxide to 
ferrate. Barium ferrate, BaFe04, analogous to the sul- 
fate, is but slightly soluble and is the most stable of the 
ferrates. It is not decomposed by water or cold dilute sul- 
furic acid; but with cold hydrochloric acid, chlorine and 
oxygen are evolved, though the solution first assumes the 
red color characteristic of Fe04 . 

16 . Iron Carbonyls. — Finely divided iron reacts slowly 
with carbon monoxide to form the pentacarbonyl, Fe(CO)6, 
which may be distilled off by heating to 120 °. This sub- 
stance freezes at — 21°, boils at 102°, and decomposes when 
heated above 200 °. In the sunlight it decomposes : 2Fe(CO)5 
= Fe2(CO)9 -f CO. This latter compound decomposes 
upon heating to form Fe3(CO)i2. The pentacarbonyl dis- 
solves in alkalies: Fe(CO)B -f- 40 H“ = Fe(CO)4 + CO3 
-f 2H2O. Upon acidif5dng in the cold the carbonyl hydride, 
Fe(CO)4H2, is liberated. This carbonyl hydride has acid 
properties and forms many salts. When oxidized with hy- 
drogen peroxide it forms Fe3(CO)i2, and when warmed it 
decomposes: 2Fe(CO)4H2 = Fe(CO)6 + Fe(CO)3 (polymer- 
ized) -t- 2H2. The mercuric salt is prepared by oxidizing 
the pentacarbonyl with mercuric chloride: Fe(CO)5 + H2O 
+ HgCU = Fe(CO)4Hg -f 2 HC 1 + CO2. The structure of 

/OC\ 

Fe2(CO)9 appears to be (CO)3Fe^CO— ;Fe(CO)3. It may 

\co/ 

be noted that in all of these compounds the iron atom has 
the same number of electrons (if the two shared with each 
CO is included) as has the next inert gas krypton. The same 
is true of the nitrosyl carbonyl Fe(CO)2(NO)2 if one as- 
sumes that the odd electron on the nitric oxide has trans- 
ferred to the iron. 
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16. Analytical. — The formation of Prussian blue, through 
the reaction of ferrocyanide with ferric ion, and ferricyanide 
with ferrous ion, serve to identify iron in both of the com- 
mon valence states. Ferric iron may be distinguished also 
by the deep red color of ferrisulfocyanide, Fe(SCN) 3 , and a 
bright red compound with pyrocatechol. 

In the scheme for the systematic separation of the ele- 
ments, iron salts are precipitated by ammonium sulfide 
and hydroxide as ferrous sulfide. The general method of 
separation from the other members of this analytical group 
is indicated in Appendix VI. In case phosphate is present, 
the analytical procedure requires some modification, be- 
cause ammonium hydroxide will precipitate ferric phosphate 
from ferric solutions. 

The so-called basic acetate separation, which is often 
used in the iron group, is carried out by the addition of 
ammonium acetate to a slightly acid solution. Upon heat- 
ing, hydrolysis occurs; and the precipitate may contain Fe, 
Ga, Cr, V, W, Al, In, Zr, Ti, as hydroxides, basic acetates, 
phosphates, or vanadates, and the rare earths (if phosphate 
is present). The method serves to separate these elements 
from Mn, 2n, Co, Ni, U, alkaline earths, and rare earths 
(if phosphate is not present), although traces of Zn, Co, 
Ni, Be, and U may be present in the precipitate. 

In gravimetric analysis, iron is usually precipitated as 
ferric hydroxide by ammonium hydroxide and weighed as 
ferric oxide. The reagent, “cupferron,” C 6 HsN*NO-ONH 4 , 
is sometimes used to precipitate iron as the ferric salt. This 
method has the advantage of precipitating iron (and also 
Cu, Ti, and Zr) from highly acid solutions, and thus effect- 
ing a separation from Al, Cr, Mn, Ni, and Co. When 
treated with ammonium hydroxide, the precipitate is 
changed to ferric hydroxide. 

Iron is determined in volumetric analysis usually by one 
of the two reactions: SFe"*^ -f Mn 04 “ + 8H+ = Mn'*^ 
-h 5Fe+++ + 4 H 2 O, and 6Fe++ -1- Cr^O,-- -f 14H+ 
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= 6Fe''"*^ + 2Cr'*"+'*' + 7 H 2 O. In the dichromate method 
the end-point is determined by removing a drop of the solu- 
tion and testing with ferricyanide, or by the addition of an 
oxidation indicator, e.g., diphenylamine which gives a blue 
color upon oxidation. In the permanganate method the 
color of the reagent serves as an end-point indicator. The 
dichromate method is readily applicable in the presence of 
chloride, but permanganate tends to evolve chlorine under 
these conditions, unless an excess of manganous ion is 
added (cf. XVni— 12). 

In the preparation of the ferrous solution before titration, 
ferric iron may be reduced in various ways, but the most 
generally employed methods are: (1) reduction by passing 
the solution through a tube containing zinc amalgam (Jones 
reductor), (2) reduction with stannous chloride followed by 
removal of excess stannous ion by mercuric chloride. 

Ferric salts in solution may also be titrated directly with 
titanous chloride, using thiocyanate as an indicator: Fe''^ 
+ Ti+++ = Fe++ + Ti++++. 


COBALT AND NICKEL 

17. Occurrence. — Nickel ranks next to iron in abundance 
in meteoric material, and it seems probable that this order 
also exists in the central core of the earth. However, in the 
igneous rocks on the earth’s crust, the estimated percentage 
of nickel is 0.020 and cobalt 1 X 10~®. 

The commonest cobalt minerals are: smaltite, CoAss; 
cobaltite, CoAsS; erythrite, Co 3 (As 04 )* 8 H 20 ; and linnaeite, 
C 03 S 4 . These ores are generally associated with iron, and 
ofjen nickel, copper, and silver. The principal source of 
cobalt is the rich silver-cobalt-nickel veins in Ontario, 
Canada. 

The two most important nickel ores are: pentalandite, 
NiS*2FeS, and gamierite, [Ni, Mg]Si 03 ’nH 20 . Extensive 
deposits of the former mixed with iron and copper sulfide 
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are found in Ontario, Canada, and of the latter in New 
Caledonia. Nickel also occurs in other complex sulfides, 
silicates, arsenides, arsenates, tellurides, oxides, and sul- 
fates. Copper ores usually contain small amounts of nickel, 
which is removed in the electrolytic refining process. 

18. Metallurgy. — The cobalt-silver arsenide ore of On- 
tario is smelted with a suitable flux in a small blast furnace, 
yielding crude silver bullion, and a speiss of the arsenides of 
cobalt, nickel, iron, copper, and some silver. This speiss is 
subjected to successive roasting processes; with silica to re- 
move iron; with sodium nitrate and carbonate to form 
sodium arsenate; and with salt to form chlorides of cobalt, 
nickel, copper, and silver. The soluble chloride is extracted 
with water; the copper precipitated as the metal by reduc- 
tion, and the cobalt and nickel precipitated as hydroxides. 

The separation of cobalt and nickel is effected by the 
Mond process (see below), or by the formation of potassium 
cobaltini trite (Par. 24), or chloropentammine cobaltichlo- 
ride (Par. 24). The metal is made by reducing the oxide 
with carbon. 

The metallurgy of nickel ores is somewhat similar. The 
product of the blast furnace smelting is a matte of iron, 
copper, and nickel sulfides. This matte is freed from much 
of the iron by oxidizing in a Bessemer converter with a 
silicate slag. 

In the Orford process, the Bessemer matte is fused with 
carbon and sodium sulfate, which effects a separation of 
rather pure nickel sulfide in the bottom layer. This sulfide 
is roasted to the oxide, and reduced by carbon to the metal. 

In the Mond process, the matte is roasted to the oxide, 
reduced to the metal by water gas at 300°, and the nickel 
removed by volatilization as the carbonyl, Ni(CO) 4 , in a 
stream of carbon monoxide at a temperature of 50° to 
100°. The carbonyl is then decomposed into the metal and 
carbon monoxide by heating. 

Electrolytic refinement of nickel is also employed. The 
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impure metal is made the anode in a cell using nickel sulfate 
electrolyte. The pure metal is precipitated on an aluminum 
cathode. The platinum metals precipitate in the anode mud 
and the base metals remain in the electrolyte. 

19. The Metals. — The important atomic and physical 
constants of the metals are given in Table VII. Unlike iron, 
cobalt and nickel do not have at low temperatures a body 
centered cubic type of crystal lattice, but are face centered. 
They do, however, process magnetic transitions similar to 
iron ; and the non-magnetic forms are isomorphous with the 
face centered, or y-iron. The metals are silver-grey in color, 
malleable, and ductile. 


TABLE VII 

Atomic and Physical Properties of Cobalt and Nickel 



Co 

Ni 

Atomic weight 

58.94 

58.69 

Atomic number 

27 

28 

Isotopes 

57, 59 

8.9 

58, 60, 61, 
62, 64 

8.9 

Density 

Melting point, ° C 

1490 

1452 

Boiling point, ° C 

2900 

2730 

Radius of in solids, cm. X 10® 

0.72 

0.69 

Electrical resistivity, ohm-cm. 

9.7 X 10~® 

6.9 X 10"6 
150000 

Tensile strength, lb. per sq. in 

35000 

Transition temperature, magnetic to non-mag- 
netic form, ® C 

(cast) 

1150 

(drawn) 

360 


Cobalt does not at present have extensive industrial 
applications. Its most important use is as a constituent of 
the group of alloys known as stellite, which contain cobalt 
and one or more of the metals chromium, tungsten, molyb- 
denum, iron, and nickel. Representative composition of 
two such alloys are: (1) Co 60, Cr 15, W 20, Mo 5, and 
(2) Co 30, Fe 52, W 14, Cr 4. These alloys are used as cut- 
ting tools in high-speed lathes, as they do not lose their edge 
with heating; and also as surgical instruments, since they 
may be sterilized in a flame without injury to the edge or 
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polish. Cobalt is also used in making cobalt steel for per- 
manent magnets, the alloy alnico, containing aluminum, 
nickel and cobalt, is capable of lifting 60 times its own 
weight when magnetized. Cobalt-thorium catalysts are 
employed in the Fischer-Tropsch production of gasoline 
from coal. 

The electrol 5 rtic nickel plating industry is one of the 
largest consumers of nickel. The plated coat is hard, suscep- 
tible of high polishing, and is resistant to tarnishing. The 
electrolyte generally employed is nickel ammonium sulfate. 

Finely divided or “active” nickel, prepared by reducing 
the oxide below 300°, is employed as a catalyst in a number 
of hydrogenation reactions; the most important commer- 
cially being the hardening of fats and oils by their combina- 
tion with hydrogen, and the conversion of carbon monoxide 
and steam into carbon dioxide and hydrogen. 



TABLE VIII 

Nickel Alloys 


Name 

Percentage Composition 

Properties and Uses 

Low nickel steel 

Ni 0.5 -2.0, CO.IS, Fe 

Automobiles, railway cars, 


about 96 (often 0.5-1 .5 
Cu) 

armor plate 

Invar 

Ni35, MnO.5, C0.5, Fe 



64 

Low coef. of expansion 

Platenite 

Ni46, C0.15, Fe54 

Ni60, Cu36, Fe3.5, A1 

Glass to metal seals 

Monei 


0.5 

Low heat conductivity, 
casts, non-corroding 

Nickel coins 

Ni 25, Cu 75 

Coins 

Constantan 

Ni40, Cu 60 

Thermoelements 

Manganin 

! Ni4, Mn 12, Cu 84 

Electrical resistance wire 

German silver 

1 Ni 20, Cu 55, Zn 25 

Jewelry 

Nichrome 

Ni 60, Cr 15, Fe 25 

Electrical resistance; 

I crucibles 

lilium 

Ni 62, Cu 7, Cr 22, Mo 8, 



Fel 

Acid resisting 


Nickel forms an unusually large number of alloys of 
technical importance (Table VIII). Approximately half of 
the 40-50 million pounds of the metal consumed annually 
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in the United States goes into nickel steel and 25 per cent 
into other alloys. 

20. Reactions of the Metals. — ^The difficulty of oxidation 
increases gradually in going from iron to cobalt and nickel 
(see Par. 21 and Par. 27 for potential values), but in general 
the reactions of the three metals are similar. Like iron, they 
are rendered passive by very powerful oxidizing agents. 
The principal reactions are summarized in Table IX. 


TABLE IX 

Reactions of Cobalt and Nickel 


3 Co “i" 2O2 ~ CO8O4 
2 Ni + 02 ^ 2 NiO 
M -f 2 H+ = M++ + H2 
M + H2O = MO + H2 
3 M + 2NO3- + 8 H+ = 3 M++ 
4 - 2 NO 4 - 4H2O 
M 4 - X2 « MX2 
4 M 4 - 2NH3 = M4N2 4 - 3H3 
3 M 4 - C = MsC 

M + 4CO = M(C0)4 

2M 4- Si = MaSi 

M + S = MS 


Slow at 25®. Cf. Pars. 21 and 27 
Slow at red heat 

Passive with concentrated acid 
With halogens. Co also forms CoF* 
400 to 600® 

Carbides stable only at temperatures 
of the molten metals 
Below 100° but with Co only under 
pressure 

Co also forms CoSi, CoSia, and CoSis, 
and Ni forms NiSi and NisSia 


Compounds of Cobalt 

21. Oxidation States. — Cobalt, like iron, forms cobaltous, 
Co"*^, and cobaltic, Co'*^, ions and compounds, and a few 
cobaltites, derivatives of the dioxide, C 0 O 2 , which, unlike 
the corresponding iron oxide, has been prepared. The 
cobaltic ion is a very powerful oxidizing agent, and for this 
reason its compounds are not very stable, except those com- 
plexes which give a very small concentration of the metal 
ion. Potential values are summarized below: 


Volts 25® 

Co = Co’^^2e- 4-0.277 

Co++ - Co+++4-2e-“ - 1.84 

Co 4- 20H‘- = Co(OH )2 + 2e- 4- 0.42 

Co(OH)2 4- OH- = Co(OH) 8 4- e- - 0.2 

Co(OH)3 4- OH- == C 0 O 2 + 2 H 2 O 4- e- ca. - 1.2 

Co(CN) 6-^ « Co(CN)r® 4- e- 4-0.8 
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22 . Cobaltous Compounds. — Cobaltous oxide, CoO, may 
be prepared by the reduction of the higher oxides with 
hydrogen. When heated in air, it forms the cobaltous co- 
baltic oxide, C03O4. The rose-colored hydroxide Co(OH)2 
is precipitated when alkali hydroxides are added to cobal- 
tous solutions but darkens in the air through oxidation to 
cobaltic hydroxide. With concentrated ammonia the hy- 
droxide dissolves to form Co(NH3)6^, with excess of Co’’"*' 
a green or blue modification of Co(OH)2 is precipitated by 
hydroxide. 

Cobaltous halides are readily formed by dissolving the 
hydroxide in the halogen acid. They are soluble and form 
a number of hydrates. The chloride is sometimes used as a 
“sympathetic ink,” by writing with a solution of the pale 
pink hexahydrate; the characters are invisible but appear 
upon wanning the paper, due to the formation of the blue 
anhydrous salt. The color of the ion Co(H 20 ) 6 ''"*' is pink 
and that of the complex chloride C0CI4 , blue. It has been 
suggested that upon dehydration, the hexahydrate, Co- 
(H20)6Cl2 forms the complex salt Co(CoCl4). 

The STxlfate and nitrate are soluble and highly hydrated, 
and the latter readily decomposes to the sesquioxide upon 
heating. 

Cobaltous sulfide is precipitated by sulfide ion in alkaline 
solution. Like nickel sulfide, it is unusual in that it is not 
precipitated from acid solutions, but is not soluble, or only 
very slowly so, in dilute hydrochloric acid. 

Sodium bicarbonate precipitates cobaltous carbonate, 
CoC 03'6H20, at room temperature, and the anhydrous 
compound at higher temperatures. Basic carbonates are 
formed by the alkali carbonates. 

Cobaltous cyanide, Co(CN) 2 * 3 H 20 , is but slightly soluble 
in w’ater, but dissolves in excess of cyanide ion to form a 
complex cobaltocyanide ion, Co(CN) 6 ~‘, which, however, is 
readily oxidized to the cobaltic complex. 

Cobaltous oxide forms important pigments upon fusion 
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with certain negative oxides. Smalt, a deep blue pigment, 
is really a cobalt glass. Cobalt blue is largely cobalt alumi- 
nate with more or less zincate. Cobalt green is cobalt zinc- 
ate, and turquoise green the same with some chromite. 

23 . Cobaltic Compounds. — Due to the powerful oxidizing 
nature of cobaltic ion (Par. 21), its simple salts are difficult 
to prepare. The fluoride, C0F3, forms when the metal is 
heated with fluorine, and the sulfate, Co2(S04)3*18H20, may 
be prepared by the electrolysis of cobaltous sulfate, followed 
by fractional crystallization. The sulfate forms alums. 
These, as well as the simple sulfate, are blue in color. Solu- 
tions of the fluoride and sulfate readily hydrolyze to the 
hydroxide, Co(OH)3 (probably hydrous cobaltic oxide), 
which, when ignited in air, forms C03O4. 

24 . Complex Cobaltic Compounds. — ^The cobaltic ion 
forms a remarkable number of complex ions in which it 
possesses a coordination number of six. These complex ions 
are more stable than the corresponding cobaltous ions. The 
reason is indicated by the following scheme which shows the 
number of electrons in the various orbitals : 


Co++ 

Co(CN)r" 


3 d 45 Ap 55 

(■•) (••) (•) (•) (•) (~ ()()() n 

(..) (..) (..) [(..) (■■) (..) (..) (..) (..)[ (■) 
OCTAHEDRAL BOND ORBITALS 


Thus Co(CN) 6 “^ has one electron in a higher 5 orbital, and 
this electron is readily lost to form Co(CN) 6 “®. 

The formulae of the more important complexes with 
ammonia, halides, nitrite, and cyanide are given in Table X ; 
and a few of the more familiar compounds are discussed 
below: 

Chloropentammine cobaltichloride, Co(NH3)6ClCl2, forms 
when an ammonical solution of cobaltous chloride is oxi- 
dized by air or hydrogen peroxide. As it is but slightly 
soluble in concentrated hydrochloric acid, the dark reddish- 
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violet compound is precipitated from the solution by the 
addition of this acid. The formation of this compound may 
be used to separate cobalt from nickel. The great stability 
of the complex is indicated by the fact that the ammonia is 
not removed by acid. Only two thirds of the chloride is 
precipitated by silver nitrate, but upon standing in con- 
tact with silver oxide it is converted into the hydroxide, 
[Co(NH 3)5H20](0H)3; and when this is dissolved in hy- 
drochloric acid, the aquapentammine cobaltichloride, 
[Co(NH 3 ) 8 H 20 ]Cl 3 , is formed. This compound is not readily 
soluble in cold water. When the chloropentammine is heated 
under slight pressure with concentrated ammonia, the 
hexammine cobaltichloride, [Co(NH3)6]Cl3, separates as 
orange-colored crystals. 

Potassium cobaltinitrite, or potassium hexanitrocobal- 
tate, K3 Co(N 02)6, is prepared by treating a cobaltous salt 
with potassium nitrite and acetic acid: Co"^ + SK"*" 
+ 5NO2- + 2HNO2 = K 3 Co(N 02)6 + no + H2O. The 
potassium salt is but slightly soluble, and is sometimes em- 
ployed as a pigment, cobalt yellow. The more soluble 
sodium salt is employed as a reagent in testing for potas- 
sium (cf. IV — 26 ). The complex nitrite ion is decomposed 
by alkalies, forming the hydroxides, and by strong acids 
with the liberation of oxides of nitrogen. 

A number of dinitrotetrammine cobaltic salts have been 




prepared. These com- 
pounds exhibit isomerism, 
due to the two possible 
arrangements of the coor- 
dination groups. 

Cobaltous ion in the 


presence of cyanide is readily oxidized, even by hydro- 


gen ion to form the cobalticyanide, Co(CN )6 . This 


ion is very stable, and like the corresponding ferricy- 
anide, forms precipitates with ions of many of the heavier 


metals. 
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TABLE X 


CoBALTic Coordination Compounds 


4- 3 Cation 

[Co(NH3)6]X3 
[Co(NH3)6H20]X3 
[Co(NH 3)4(H20)2]X3 
4- 2 Cation 

[Co{NH3)5C1]X2 
[Co(NH3)fiN02]X2 
[Co(NH 3)4H20, CljXz 
4“ 1 Cation 

[Co(NH3)4Cl2]X 

[Co(NH3)4Br2lX 

[Co(NH3)4(N02)2]X 

[Co(NH 3 ) 4 C 03 ]X 


Undissociated compounds 
[Co(NH3)3(N02)3] 

— 1 Anion 

K[Co(NH3)2(N02)4] 

— 2 Anion 

K2[Co(NH3)(N02)6] 

— • 3 Anion 

K3[Co(N02)6] 

K3[Co(CN)6] 


26 . Nomenclature of Complex Compounds. — ^The follow- 
ing system of nomenclature has been proposed by Werner 
and is in general use: 

(a) If the complex is a negative ion, the name of the 
positive ion is first. 

(b) In giving the structure of the coordination com- 
plex, the following order is followed : 

(1) Acid radical: Cl“, chloro; CO3 , carbonate; 
CNS“, thiocyanate ; NOz", nitro, etc. 

(2) The water or oxygen groups: H 2 O, aqua; 0 , 

0 x 0 ; O 2 , peroxo; OH“, hydroxo. 

(3) The ammonia groups. Mono, di, tri, etc. — 
ammine, also called ammino. 

(4) Name of positive element. If complex is a posi- 
tive ion, the following endings are used: charge -b 1, a; 
charge -[- 2, o; charge + 3, i; charge + 4, e. If com- 
plex is a negative ion, the termination, ate, is added. 

(c) If the complex is a positive ion, the acid radicals 
not in the coordination group complete the name. 
Examples: 

[Co(NH 3 ) 8 Cl]Cl 2 — Chloropentammine ' cobaltichloride 
K3lCo(NH3)2(N02)4] — Potassium tetranitrodiammine 
cobaltate. 
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26. Cobalt Dioxide and Cobalties. — Powerful oxidizing 
agents in alkaline solution, e.g. hypochlorite and hypoio- 
dite, form the dioxide, C 0 O 2 . The sesquioxide, which is 
prepared by igniting cobaltous nitrate, is generally con- 
sidered to be the cobaltous cobaltite, CoCCoOa), as is also 
the tricobalt tetroxide, C 03 O 4 , i.e., 2Co0‘Co02. Other co- 
baltites have been prepared by fusing cobaltous oxide with 
basic oxides in air, e.g., MgCoOg. 

Nickel Compounds 

27. Oxidation States. — ^The principal oxidation state of 
nickel is -j- 2. No -f 3 salts are known, and the + 3 hy- 
droxide which is frequently mentioned in the literature 
appears to be the dioxide. The dioxide is slightly acidic, and 
a few salts of it have been prepared. There is some evidence 
for the formation of a -|- 1 oxide, and the + 1 cyanide com- 
plex ion, Ni(CN )3 , is known. A few nickelates, i.e. 
K 2 Ni 04 , have been prepared. Potential values are sum- 
marized below: 


Volts «• 


Ni = Ni++ + 2e~ + 0.25 

Ni++ -1- 2H2O = NiOj + 4H+ -f- 2e- - 1.75 

Ni + 20H- = Ni(OH)2 -i- 2e- + 0.66 

Ni + 6NH3(aq) = Ni(NH3)6++ + 2e- 0.48 

Ni(OH)2 + 20H- = NiOa + 2H2O + 2e- - 0.49 

Ni++ -I- 4H2O = NiOr- -I- 8H+ -f 4e- - 1.8 


28. Nickelous Compounds. — Nickelous compounds are 
generally green or blue in color, and show many resem- 
blances to cupric compounds. The hydroxide, Ni(OH) 2 , 
forms as a light green precipitate upon the addition of 
alkalies to a nickel solution. It is soluble in ammonium hy- 
droxide, due to the formation of the complex nickel am- 
monia ion Ni(NH 3 ) 6 ''~^ which, like the corresponding cupric 
ion, has a deep blue color. The oxide, NiO, results from the 
direct union of the elements, or from the ignition of the 
hydroxide or the dioxide. The oxide and hydroxide are 
readily soluble in acids. 
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The halides are readily soluble, highly hydrated in water, 
and ammonated in liquid ammonia solutions. The bromide, 
NiBr2’6NH3, is precipitated by the addition of concentrated 
ammonia to a hot solution of nickel bromide. This property 
is sometimes utilized in the separation of nickel from cobalt. 
The cyanide, Ni(CN)2, is but slightly soluble in water, but 
dissolves in excess of cyanide, forming the complex cyamde 
ion, Ni(CN)4 . It differs from the ferrous and cobaltous 
complex cyanides in that it cannot be oxidized to a nickelic 
compound, but it may be reduced to the + 1 complex, 
Ni(CN)3 • The dimagnetic tetra-coordinated complexes 
of Ni"''"'’ are planar and not tetrahedral. The complex cya- 
nide is an example, as is the thiooxalate. 


OS SO 



The carbonyl, Ni(CO)4 is tetrahedral and the same is 
true of the paramagnetic complex ions of Ni++, e.g., 
Ni(H20)4++ and Ni(N2H4)2++. 

Below 31 °, the sulfate crystallyzes as the heptahydrate, 
NiS04’7H20. At higher temperature, two forms of hexa- 
hydrated salts are formed, one blue and the other green. 
Nickel ammonium sulfate, (NH4)2Ni(S04)2*6H20, is used in 
nickel electroplating. The nitrate, Ni(N03)2‘6H20, is ex- 
tremely soluble in water. Alkali carbonates precipitate 
nickel from solution as a basic carbonate, but the normal 
carbonate, .NiC03'6H20, may be precipitated from a solu- 
tion containing an excess of carbonic acid. 

Nickel sulfide, NiS, like cobalt sulfide, is not precipitated 
from acid solutions by hydrogen sulfide, but is precipitated 
from ammonia solutions, and the sulfide so formed does not 
dissolve in dilute hydrochloric acid. The sulfide appears 
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to exist in three modifications. The most soluble modifica- 
tion, which is first formed from alkaline solutions, quickly 
changes to a form which is less soluble, and also less rapidly 
soluble, in acid. 

29. Nickel Dioxide and Nickelites. — Moderately strong 
oxidizing agents (Par. 27) in alkaline solution convert 
nickelous oxide into a hydrous oxide which may be a solid 
solution of NiO and NiOs. With long oxidation the com- 
position appears to approach that of Ni02. This oxide is 
an extremely powerful oxidizing agent in acid solution, and 
readily evolves oxygen under these conditions. Baritua 
nickelite, BaNi 205 , has been prepared by fusing the oxide 
with barium carbonate. Alkali peroxides form with nickel- 
ous salts an oxide of the same general formula as the dioxide, 
but its reactions indicate that it is the nickelous peroxide of 
-f- 2 nickel. 

Hydrous nickel dioxide is the oxidizing constituent of the 
Edison storage battery. The cell reaction upon discharge 
may be represented by the equation: Fe -f Ni02 -I- 2 H 2 O 
= Fe(OH )2 d- Ni(OH) 2 . The electrodes are iron and nickel 
dioxide, and the electrolyte, sodium hydroxide. The po- 
tential of the cell is about 1.35 volts at 20°, and depends but 
slightly upon the concentration of hydroxide, since this sub- 
stance enters into the cell reaction only so far as it affects 
the activity of the water. A similar battery employing 
cadmium instead of iron is in use in Europe. This cell has 
a potential of 1.2 volts. 

30. Analytical. — In the systematic scheme for separation 
of the positive ions (Append. VI), cobalt and nickel are 
precipitated as sulfides by ammonium sulfide. In the sepa- 
ration from other members of this analytical group, ad- 
vantage is taken of the slow solubility of the sulfides in cold 
dilute hydrochloric acid and the non-amphoteric character 
of the hydroxides. A number of procedures are employed 
in separating cobalt and nickel; the simplest probably being 
the precipitation of nickel by dimethylglyoxime, HON 
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: C(CH3)C(CH3) : NOH, as Ni(C4H702N2)2 from solutions 
containing acetate and acetic acid. Other methods of sepa- 
ration depend upon the slight solubility of nickel chloride 
in an ether-hydrogen chloride solution and upon the con- 
version of cobalt into its -f 3 compounds, e.g. the precipi- 
tation of cobalt as potassium cobaltinitrite; the precipi- 
tation of the sesquioxide, C02O3, by bromine in neutral 
solution; and the formation of chloropentammine cobalti- 
chloride. 

In gravimetric analysis nickel may be weighed as the 
nickel dimethylglyoxime, after drying at 120°; as the oxide, 
NiO; or as the metal after electrol3rtic precipitation. The 
electrolytic precipitation is made from an ammoniacal solu- 
tion, and nickel and cobalt are deposited together. 

Cobalt is often precipitated as potassium cobaltinitrite, 
and as the salt of nitroso-beta-naphtol, Co(CioH60NO)3. 
In both procedures, it is weighed as the oxide, Co 304 . 



Chapter XX 


PLATINUM AND PALLADIUM METALS 

1 . The triads: ruthenium, rhodium, palladium; and os- 
mium, iridium, platinum, bear the same relation to the 
second and third transition series that iron, cobalt, and 
nickel do to the first (cf. XIX). 

The six elements of these two series are so similar in prop- 
erties that the separation of the naturally occurring alloys 
into the pure metals is not simple, and the commercial term 
“platinum” generally refers to the whole group. 

These elements differ from iron, cobalt, and nickel in their 
greater nobility, and in their even greater tendencies to form 
complex ions, or coordination compounds. 

Although the similarities in the properties are very pro- 
nounced, there are, however, distinct changes in both the 
horizontal and vertical periodic relations, as is indicated in 
the following table of their oxidation states. 

TABLE I 
Oxidation States 

Fe 2, 5, (4). 6 Co 2, 3, 4 Ni (1), 2, (3), 4 

Ru 2, 3. 4, 6, 7, 8 Rh (1), (2), 3, 4, (6) Pd (1), 2, — 4, (6) 

Os (2), 3, 4, 6, (7), 8 Ir (1). (2), 3, 4, 6 Pt (1), 2, (3), 4, (6) 

( ) Very unstable. 

Among the more important of these relations which may 
be pointed out are: the similarity of the + 6 compounds of 
iron, ruthenium, and osmium to those of chromium, molyb- 
denum, and tungsten; the similarity of nickel, palladium, 
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and platinum to copper, silver, and gold ; the formation of 
volatile tetroxides by ruthenium and osmium ; the remark- 
able absorption of hydrogen by nickel, palladium, and 
platinum, and the increasing tendency to form complex 
ammonia ions shown by the elements on the right. 

2. Occurrence. — ^The important platinum ores are placer 
deposits in which the metal occurs as small grains or nug- 
gets, the most extensive deposits being those in Russia, 
Colombia, and Transvaal. The nickel ores of Ontario con- 
tain small amounts of platinum as the mineral sperrylite, 
PtAsa. 

Crude native platinum generally contains all of the plati- 
num metals. The following percentage compositions show 
the usual range: Pt, 60-80; Fe, 5-10; Pd, 1-2; Rh, 0.5-2; 
Ru, 0.5-2; Os, 1-10; Ir, 1-10. In addition, metal known as 
osmiridium is found, which contains largely osmium and 
iridium with small amounts of the other metals. The per- 
centages of the elements in igneous rocks are extremely low, 
the approximate values being: Pt, 10~®; Ir, 10““; Os, 10““, 
Rh, 10““, and Ru, 10““. 

3. Metallurgy. — Platinum is extracted from sand and 
gravel by washing and gravity concentration processes 
similar to those used with gold (cf. VII). For the separation 
of the crude metal into its constituents, it is usually first 
digested with aqua regia. This dissolves the greater part 
of the metal, but leaves a residue of any osmiridium, which 
is fused with zinc in order to render it soluble in acid. The 
separation of the various metals from the solution then 
becomes a matter of qualitative analysis (Par. 35). 

4. Properties and Uses of the Metals. — ^The most im- 
portant atomic and physical constants are summarized in 
Table II. 

Ruthenium and osmium are grey like iron, while the 
other metals are more like silver. Rhodium is one of the 
whitest of all the metals. Osmium has the greatest density 
of any metal, is brittle, and hard enough to scratch glass. 
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Rhodium and iridium are a little softer, and palladium and 
platinum very malleable. When the metals are formed by 
the decomposition of their compounds at comparatively low 
temperatures, they are left in a finely divided or “spongy” 
condition. Hydrosols, or colloidal solutions, are readily 
prepared by striking an arc between electrodes of the metals 
under water. 


TABLE II 

Atomic and Physical Properties 



Ru 

Rh 

Pd 

Os 

Ir 

Pt 

Atomic weight 

101.7 

102.91 

106.7 

190.8 

193.1 

195.23 

Atomic number 

44 

45 

46 

76 

77 

78 

Isotopes 

96. 98, 

101, 

102, 

186, 

191, 

192, 

99. 

103 

104, 

187, 

193 

194, 


100, 


105, 

188, 


195, 


101, 


106, 

189, 


196, 


102, 


108, 

190, 


198 


104 


110 

192 



Electrons in various 







quantum levels, 1st 

2 

2 

2 

2 

2 

2 

2d. ... 

8 

1 S 

8 

8 

8 

8 

3d.... 

18 

18 

18 

18 

18 

18 

4th. , . . 

8 + 7 

18 + 8 

8 + 10 

32 

32 

32 

5th. . . . 

1 

1 1 


^ 8 + 6 

8+9 

8 + 9 

6th. . . . 




2 


1 

Density 

12.2 

12.5 


22.48 

22.4 

21.45 

Melting point, ® C 

; 2450 

1995 

1555 

2700 


1770 

Boiling point, ° C 


CTMtIil 


> 5300 


4400 

Electrical resistivity, 20® 







C., ohm-cm. X 10® 

10 

5.1 

10.8 

9 

6 

10.5 

Ionization potentials 


7.7 

8.3 

j ca. 8,7 

9.0 

8.88 


Spongy palladium and platinum, like nickel, show a re- 
markable catalytic effect upon many gas reactions. The 
use of platinum as a catalyst in the manufacture of sulfu- 
ric acid, ammonia, and nitric acid, has been mentioned. 
Platinum causes the instant explosion of a mixture of oxy- 
gen and hydrogen, or the ignition of alcohol vapor in air. 
An electrode coated with finely divided platinum, called 
platinum black, has a very low overvoltage for hydrogen 
and other gases, and is often employed in the construction 
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of electrical cells where a reversible gas electrode is desired. 
The platinum black surface may be prepared by the elec- 
trolytic precipitation of the metal from a chloroplatinate 
solution. Spongy platinum and palladium absorb large 
volumes of many gases, the absorption of hydrogen by the 
latter being especially remarkable (Par. 27). 

The consumption of the platinum metals in the more 
important industries is given in Table III. Commercial 
platinum is usually alloyed with the harder metals, es- 
pecially iridium and rhodium, to make it more durable. 
The average price per ounce in 1937 for the pure metals was 
ruthenium, $30; rhodium, $40; osmium, $40; palladium, 
$28; iridium, $100; and platinum, $50. However, the fluctu- 
ations in the prices are quite large. 


TABLE III 

Consumption of Platinum Metals in U. S., 1937 
Values in Troy Oz. 



Pt 

Pd 

Ir 

Others 

Jewelry 


|B|9RSS| 

3,000 

1,000 

Dental 



100 

30 

Electrical 



10,000 

350 

Chemical 

■HI 

BBI 


200 


6. Platinum, due to its high melting point, incorrodibil- 
ity, and malleability, is almost indispensable in the manu- 
facture of chemical utensils for high temperature ignitions. 
Such ware, however, must be handled with some care since 
it is attacked by a number of reagents, e.g. aqua regia, 
chlorine solution, ferric chloride, and fused alkalies. It 
alloys with many metals, especially lead, tin, bismuth, and 
mercury; and unites with carbon, phosphorus, sulfur, and 
silicon, becoming brittle. However, alkali carbonates may 
be ignited in platinum crucibles without damage. Alloys 
of palladium and gold, such as “palau,” are employed to 
some extent as substitutes for platinum in chemical ware. 
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When pure platinum or platinum-iridium alloys are 
subjected to high temperature for a long period, appreciable 
loss of weight occurs, doubtless due to the formation of 
oxide. Platinum-rhodium alloys, however, are much less 
subject to such “volatilization.” Platinum-iridium alloys 
are employed in the electrical industry in contact points. 

6. Reactions of the Metals. — The more important re- 
actions are summarized in Table IV. Reference should be 
made to the paragraphs dealing with the states of each 
element for approximate potential values. All of the 
metals exhibit “passivity” with strong oxidizing agents, 
so that they are not dissolved by as many reagents as the 
potential values would indicate. (See also Par. 6 for addi- 
tional reactions of platinum.) 

T-\BLE IV 


Reactions of Platinum Metals 




Rh 

Pd 

Os 

Ir 

Pt 

Spongy 
metal 
heated 
in oxygen 

RuOs 

at 

700-1200 

RhaOa 

slowly 

below 

1150" 

PdO 
slowly 
at 700“ 

Os04 
at 200" 

IrOs 
slowly 
at 1050" 

PtO 
slowly 
at 450" 

Spongy 
metal 
heated 
in chlorine 

KsRuClfi 
when KCl 

IS present 

RhCh 

PdCl2 

OsCl4 
at 700" 

KsIrCU 
when KCl 
is present 

PtCls 
at 360" 

Hot HNOs 

Insol. 

Insol. 

Slowly sol. 
Pd(N03)2 

Insol. 

Insol. 

Insol. 

Aqua regia 

HaRuCU 

Very slowly 
soluble 
HaRhCls 

H2PdCl6 

Os04 

Very slowly 
soluble 
HaIrCU 

HsPtCe 

Fused with 
KOH 
-i-KNO» 

KaRuOi 

1 

Rh02 

PdO 

K 2 OSO 4 

IraOs 

KaPtOs 

•nHaO 

Fused with 
ICHS04 

Insol. 

KRhCS04)2 

PdS04 

Insol. 

Ir2(S04)3 

Basic sulfate 
slowly at 
250" 


Ruthenium Compounds 

7. Oxidation States. — Ruthenium assumes an unusually 
large number of different oxidation states, 2, 3, 4, 6, 7, and 
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8 . Compounds of the higher states in acid solutions are 
powerful oxidizing agents, and are reduced to salts of + 3 
ruthenium. The metal is oxidized in alkaline solution to ru- 
thenite, RuOs , ruthenate, RUO4 , perruthenate, Ru04~, 
or the tetroxide RUO4 with the potential increasing for each 
step. 

The following are approximate potentials for the more 
important couples: 


Volts js» 

Ru = Ru++ + 2e- -0,45 

Ru++ + SCI- = RuCU-- + e- - 0.3 

RuCls" + H 2 O = RuCUOH— + H+ + «- - 1.3 

RuCUOH— + 3 H 2 O = RuOi + 5CI- + 7H+ + 4e- - 1.5 

Ru “1“ 60H— = RuOs “1" 3 H 2 O "h 4e~ 0.3 

RuOs— + 20H- = Ru04 4- H 2 O + 26- - 0.6 


8 . The + 2 State. — ^The fact that the oxide, RuO, does 
not appear to exist indicates that in alkaline solution this 
state is unstable, probably decomposing to give the metal 
and ruthenate (+ 6 ). 

In acid solution, halides of Ru++ may be prepared by the 
reduction of the + 3 compounds by zinc, hydrogen sulfide, 
or by cathodic reduction. The solution has an azure blue 
color; solid cesium ruthenium chloride, Cs3RuC1b‘ 2H20, 
has been obtained from it, but the salt is rapidly oxidized 
in air. 

Potassium ruthenocyanide, K 4 Ru(CN) 6 ‘ 3 H 20 , is com- 
paratively stable, and forms when ruthenium compounds 
of higher states are fused with potassium cyanide. It re- 
sembles ferrocyanide in the solubilities of its salts, and is 
oxidized by chlorine, probably to the -h 3 cyanide. 

9 . The -f- 3 State. — ^The chloride, RuCU, is formed when 
the finely divided metal is oxidized by chlorine ; the complex 
chloride, K2RUCI6, is readily prepared by the reduction of 
the -f 4 complex, by alcohol, or other mild reducing 
agents. 

The chloride in solution forms a bright red ammonia 
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complex, and with alkalies precipitates the hydrous oxide, 
RU2O3, which is not soluble in excess of reagent. 

The chloride forms a complex with nitric oxide, RuCh- 
NO'HzO, and a large number of alkali complex chlorides 
have been prepared, e.g. K2RUCI5H2O, K2 RuNOC1b, and 
also the nitrite, K2Ru(N02)5. 

The bromide, RuBrs, is similar to the chloride in its re- 
actions. The iodide, Ruls, is but slightly soluble, and does 
not appear to form complex alkali iodides. 

10 . The -h 4 State. — ^The dioxide, RUO2, is obtained by 
heating the finely divided metal in air. It unites with metal 
oxides to form ruthenites, e.g. BaRuOs. The sulfate, 
Ru(S 04)2, may be prepared by oxidizing the sulfide, RuS2, 
with nitric acid or by heating the tetroxide with sulfuric 
acid. The free tetrachloride has not been prepared ; but the 
potassium ruthenichlorides, K2RUCI6 and K2RuClsOH, 
form when potassium ruthenate is dissolved in cold dilute 
hydrochloric acid. 

11 . The -f 6 and 7 States. — ^Potassium ruthenate, 
K2 Ru 04*H20, forms when the metal is fused with potassium 
hydroxide and nitrate. It is soluble in water, forming a deep 
orange red solution. With cold dilute hydrochloric acid, 
the complex ruthenichloride is formed, but the ruthenyl 
chloride, RUO2CI2, probably forms as an intermediate step. 
When acted on by chlorine at 60 °, the solution becomes 
dark green through the formation of perruthenate, Ru04~. 
The alkali salts of the latter have been obtained as black 
crystals possessing a green metallic luster. 

12 . Ruthenium Tetroxide. — ^The tetroxide forms in small 
quantities by the action of oxygen upon finely divided 
metal, but is best prepared by the oxidation of an alkaline 
solution of ruthenate, or by the action of hot nitric acid 
and perchloric acids on compounds of the lower oxidation 
states. The oxide melts at room temperature to an orange 
liquid, decomposes around 106 °, and unlike osmium tetrox- 
ide, it is not poisonous. It is somewhat soluble in water. 
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but the oxide seems to possess neither acidic nor basic 
properties to any marked degree. In acid solution, it is a 
powerful oxidizing agent. 


Osmium Compounds 

13. Oridation States. — Osmium resembles ruthenium in 
forming compounds of the positive oxidation states, 2, 3, 4, 
6, and 8. In hydrochloric acid osmium may be present as 
OsCl6~®, OsCle , or HaOsOg. The oxidation-reduction po- 
tentials are extremely complicated, since almost every 
negative ion gives a different complex ion with the lower 
states. 

Volts «s» 


Os -I- 601- = OsCIr’ + 3e- - 0.6 

OsCU-® = OsCU— +e- - 0.8S 

OsCU" - 4- 4 Hj 04 = 0s04 + 6C1- + 8H+ 4- 4e- -1.0 

Os -1- 40H- = OsOj 4- 2H2O 4- 4e- - 0.15 

OsOs 4- 40H- = OSO4— 4- 2HjO 4- 2«- - 0.1 

Os 4- 90H- = HOsOs- 4- 4HjO + 8e~ - 0.02 


14. The + 2 State. — The chloride, OsCU, has been pre- 
pared by heating the trichloride at 500°, but neither it nor 
complex chlorides appear to have been prepared in solu- 
tion. The slightly soluble iodide Osis is precipitated when 
iodide is added to OsCb”®. It is claimed that the reduction 
of the tetroxide with sulfur dioxide yields the sulfite,. 
OsSOs; and this, when heated, gives the oxide, OsO. 

The complex cyanides, e.g. K 40 s(CN) 6 , are probably the 
most stable compounds of this state. 

15. The 4- 3 State. — ^The chloride, OsCls-SHzO, has been 
prepared by reducing osmic acid with alcohol in the pres- 
ence of chloride. When treated with sodium carbonate, the 
sesquioxide, OsaOs, is formed. 

The following are some of the more important complex 
salts of this state: KgOsClg (potassium chlorosmite), 
KaOsNOCU, K20 s(N02)b, KOs(NO) 02. The latter com- 
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pound, called potassium osmiamate, is obtained by the 
action of ammonia on a cold alkaline solution of the tetrox- 
ide. It dissolves in hydrochloric acid to form the complex 
chloride. 

16. The + 4 state. — Chlorine reacts with the metal at 
about 700° to form the tetrachloride, OsCh. It slowly hy- 
drolyzes in water to the hydrous dioxide, 0s02- 

Among the complex salts of this state are K2OSCI6 (po- 
tassium chlorosmate), KaOsBre, K2OSI6, and NaeOsCh- 

(S03)4. 

17. The + 6 State. — ^The trioxide is not known, but the 
metal fused with potassium hydroxide and nitrate gives 
potassium osmate, K2OSO4, and this salt is also prepared by 
reducing an alkaline solution of this tetroxide with alcohol. 
It is unstable in acid solution. Barium osmate, Ba0s04, 
is but slightly soluble. Some hexafluoride forms when 
fluorine is passed over the metal at 250°. It is decomposed 
by water. 

Many complex osmyl ions have been prepared, e.g. 
OSO 2 CI 4 , 0s02(C204)2~”', 0 s02(N02)4~ , 0s03(N02)2 , 

OSO3CI2 . None of the ions appear to be stable in acid 
solution. 

18. Osmium Tetroxide. — ^The volatile tetroxide, OSO4, 
is formed by direct combustion of the metal in air, or by its 
oxidation with hot concentrated nitric or sulfuric acids. 
The vapor has an odor resembling chlorine and is extremely 
poisonous. The oxide is soluble in water, but the solution 
is only very slightly acid (Ki for H2OSO6 is 8 X 10“^®). 
Alkalies form weakly bound compounds, e.g. 0s04*2K0H, 
which are readily soluble, and their solution is highly alka- 
line. As indicated in Par. 13, the oxide is a powerful oxidiz- 
ing agent. 

The octafluoride, OsFg, and probably the chloride, OsCls, 
form in small amounts when the metal is heated in the 
halogen. These compounds are highly volatile and hy- 
drolyze to the tetroxide in water. 
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Rhodium Compounds 

19. Oxidation States. — Rhodium forms compounds hav- 
ing as positive oxidation states 1, 2, 3, 4, and 6. Of these 
the -f 3 and + 4 are the more important. Unstable Rh20 
and RhCl have been prepared. The ion, Rh"*^, is probably 
stable but in the presence of chloride is readily oxidized to 
RhCle"^. Rhodic ion, Rh"*^, resembles cobaltic ion in the 
nature of its coordination compounds, and the dioxide is 
somewhat similar to cobalt dioxide. 


Volts as* 

Rh = Rh++ 4- 2e- . . . ca. ~ 0.6 

Rh++ = Rh+++ -he- ca. - 0.7 

Rh+++ + 2 H 2 O = RhOa + 4H+ -f- e- ca, - 1.4 

RhCle-® + 2 H 2 O = RhOa + 4H+ + 6C1' + < - 1.4 


20 . The -f- 3 State. — ^The oxide, Rh 203 , results when the 
metal is heated in air below 1150°. Above that tempera- 
ture, the oxide decomposes into the metal and oxygen. 
The hydrous oxide is precipitated from rhodium solutions 
by alkalies, and is somewhat soluble in excess of concen- 
trated alkali, doubtless with the formation of rhodites. 

The trichloride, RhCb, may be prepared by heating the 
metal in chlorine, and the salt so obtained is not soluble in 
water or acids. However, hydrated chloride formed by dis- 
solving the sesquioxide in hydrochloric acid, is highly del- 
iquescent. The bromide, RhBrs, and iodide, RhU, have 
also been prepared. The latter is not readily soluble in hot 
water. The sulfate, Rh 2 (S 04 ) 3 . forms alums. The sulfide, 
Rh 2 S 3 , is precipitated from acid solutions by hydrogen 
sulfide; but if excess of hydrogen sulfide is employed, the 
compound Rh2S3*3H2S appears to form, and normal sulfide 
precipitates but slowly. 

The following coordination compounds are analogous to 
the corresponding cobalt compounds: K 3 [RhCl 6 ], Na 2 [Rh- 
CI 6 H 2 O], [Rh(NH3)6]Cl3, [Rh(NH3)5Cl]Cl2, K3[Rh(CN)6]. 
and K3[Rh(N02)6]. 
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21. Rhodium Dioxide. — Powerful oxidizing agents in 
alkaline solution, e.g. C10“, convert the sesquioxide into 
the dioxide, Rh02. The dioxide is not soluble in water or 
alkalies, but dissolves in hydrochloric acid with the evolu- 
tion of chlorine. Continued action of sodium hypochlorite 
on the dioxide gives a blue solution which is thought to 
contain sodium rhodate, Na2Rh04. 

Iridium Compounds 

22. Oxidation States. — The important oxidation states 
of iridium, like those of rhodium, are -f- 3 and + 4. Power- 
ful oxidizing agents in alkaline solutions form iridates 
( -t- 6), but these are not stable in acid. 

The solid chlorides, IrCl and IrCh, are stable but de- 
compose in the presence of water to the metal and the -h 3 
chloride. 


Volts 25® 

Ir = lr+++ +3«‘” ca. — 1.0 

Ir+++ + 2 H 2 O = IrOa + 4H+ + e- ca. - 0.7 

Ir + 60- - IrOr^ + Se^ - 0.72 

IrCU-3 = IrClr^ + e- - 1.02 

Ir02 "f* 40H— = Ir04 Hh 2 H 2 O -1- 2^“ > — 0.4 


23. The -f 3 State. — The trichloride, IrClj, forms when 
the finely divided metal is heated in chlorine. This product 
is not soluble in water, but the hydrated salt formed by dis- 
solving the sesquioxide in hydrochloric acid is readily solu- 
ble. The chloride forms complex salts with the alkali chlo- 
rides, e.g. KsIrClei similar compounds are formed by the 
bromide and iodide. These compounds are most readily 
prepared by reduction of the -f 4 complex salts in acid solu- 
tion. With alkalies, the sesquioxide, Ir203, is precipitated, 
and is soluble in excess of the reagent. With hydrogen sul- 
fide in acid solution, the sulfide, Ir2S3, forms. Iridium 
sulfate, Ir2(S04)3, forms alums. Other important complex 
salts are the cyanide, e.g. Na3lr(CN)6, and nitrites, e.g. 
K3lr(N02)6. 
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24. The + 4 State. — ^The dioxide, IrOj, is obtained when 
the finely divided metal is heated to 1100° in air. A hy- 
drated form results from the oxidation of the sesquioxide in 
air, from the addition of alkalies to the chloroiridates, and 
upon solution in water of alkali iridates. It is soluble in 
hydrochloric acid and in sulfuric acid, yielding the chloride 
and sulfate in solution. The solid chloride is a dark brown 
substance very soluble in water and forms stable complex 
chlorides, e.g. KaIrCle. Hundreds of complex ammines and 
halogen compounds are known. 

26. The + 6 state. — Potassium iridate, K 2 lr 03 , appears 
to be formed when the metal is fused with potassium hy- 
droxide and nitrate, but oxygen is evolved when the salt 
is dissolved in water and the dioxide precipitated. 

Palladium Compounds 

26. Oxidation States. — ^The principal states of palladium, 
like platinum, are •+■ 2 and -f 4. There is some evidence for 
the formation of the monochloride upon heating the di- 
chloride, but in general the •+• 2 compounds decompose 
directly into the metal at high temperatures. The trioxide 
PdOs has been reported. 

Volts M* 


Pd = Pd++ 4- 2e- -0.83 

PdCl — + 2C1- = PdCU~ + 2e- - 0.29 

Pd -I- 4C1- = PdCU" + 2e- - 0.64 

Pd + 20H- = Pd(OH)s + 20- - 0.1 


27. P alla dium and Hydrogen. — Palladium absorbs hy- 
drogen to a remarkable extent, 600 to 900 times its own 
volume at 25°, depending somewhat upon the physical con- 
dition of the metal. The pressure-concentration curves for 
the system indicate the formation of a solid solution of the 
metal and the hydride of empirical formula, PdzH; the ab- 
sorption is accompanied by a considerable increase in the 
volume of the metal. The gas is almost completely evolved, 
in vacuo at 100°. The hydrogenated metal is a good reducing 
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agent, e.g. reduces mercuric chloride and ferric salts, and 
also induces the oxidation by oxygen of many carbon com- 
pounds, possibly through the formation of hydrogen perox- 
ide: Pd,H 2 +02= 4Pd + H 2 O 2 : and H 2 O 2 + CO = H 2 O 
+ CO 2 . 

28. The + 2 State. — ^The halides are formed by heating 
the metal in the halogen. The chloride, PdCl2*2H20, is 
soluble in water, and with alkalies gives a precipitate of the 
hydrous oxide, PdO. This is soluble in concentrated am- 
monia, forming a complex ammonia ion, and upon dilution 
and acidifying slightly with hydrochloric acid, a precipitate 
of the diammoniate, PdCl2’2NH3, is obtained. The iodide, 
Pdl 2 , and cyanide, Pd(CN) 2 , are but slightly soluble in 
water, but dissolve in excess of the precipitating ions. The 
sulfide, PdS, is precipitated from acid solutions by hydro- 
gen sulfide. It is not soluble in ammonium sulfide. The 
sulfate and nitrate are readily soluble. 

The following types of complex salts have been prepared : 
K2[PdCl4], Ag2[PdCl2-(OH)2], K2[Pd(CN)4], Na2[Pd(N02)4] 
K2[PdBr2(N02)2], [PdCl2-2CO]. 

These tetra-coordinated complex ions are planar and not 
tetrahedral. The planar character of Pd'*'+ is also illustrated 
by the crystal structure of the chloride PdCl 2 in which in- 
finite polymerization occurs to give strings of planar groups. 


Cl Cl 

\/ \d/ \/ 


29. The + 4 State. — The hydrous dioxide, Pd02’nH20 
is obtained by anodic oxidation of an acid solution of pal- 
ladous nitrate. A precipitate of the sesquioxide, Pd 203 , 
probably Pd 0 -Pd 02 , first forms but is decomposed by the 
acid leaving the dioxide. The dioxide decomposes around 
200° to the monoxide. 

The tetrachloride and bromide have not been prepared in 
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the pure state, but alkali complexes of the type M 2 PdCl 6 
are known. The potassium chloropalladate, K 2 PdCl 6 , is 
prepared by the oxidation of the chloropalladite by chlo- 
rine, or by dissolving the dioxide in potassium chloride and 
hydrochloric acid. It is only slightly soluble in cold water 
and the same is true of the ammonium salt. 


Platinum Compounds 

30. Oxidation States. — Platinum forms two important 
series of compounds corresponding to the oxidation states 
+ 2 and -t- 4, and, in addition, a few comparatively un- 
stable compounds of the -+■ 1, -f 3, and -f 6 states. It 
exhibits strong tendencies to form coordination complexes; 
and the simple salts are, in general, either insoluble or 
slightly ionized in solution. For this reason, the oxidation- 
reduction potentials for the various oxidation changes 
depend very much upon the negative ion present. 


Volts »» 

Pt + 2H+ + 4C1- = PtCU— + 2e - 0.73 

PtClr- -I- 2C1- = PtCl,-" + 2e- ca. - 0.72 

Pt = Pt++ -1- 2e- ca. - 1.2 

Pt + 4Br- = PtBrr- -t- 2e- - 0.68 

Pt -1- 20H- = Pt(OH)j-" -1- 2e- - 0.16 

Pt(OH )2 + 40H- = Pt(OH)e— -t- 2e- ca. - 0.2 

Pt(OH),— + 20H- = PtOi— + 4 H 2 O +26- - 0.4 


31. The •+ 2 State. — ^Platinous chloride, PtCU, is gen- 
erally prepared by heating the tetrachloride or chloro- 
platinic acid. It also forms when spongy platinum is heated 
in chlorine at 200°. It is not soluble in water, but dissolves 
in excess of hydrochloric acid to form a solution of chloro- 
platinous acid, HaPtCU. This acid is most conveniently 
prepared, however, by the reduction of chloroplatinic acid 
by sulfur dioxide. The alkali and ammonium salts, e.g. 
potassium chloroplatinite, KaPtCU, are soluble; but the 
silver and lead salts are not. 
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The chloride forms many addition compounds, for ex- 
ample, PtCl 2 CO and PtCU-PCh. The fluoride is soluble, 
but the bromide and iodide are not. The latter decompose 
readily: 2 Ptl 2 = Pt -f- Ptl 4 . 

Platinous hydroxide, Pt(OH) 2 , is prepared by boiling 
chloroplatinites with equivalent quantities of alkali. With 
excess of alkali, it decomposes, forming the metal and 
platinates. It is soluble in the halogen acids, but not in 
oxy-acids. 

The black sulfide, PtS, precipitates when hydrogen sul- 
fide is passed into a solution of chloroplatinite. It appears 
to be even less soluble than HgS. 

The more important coordination compounds of -j- 2 
platinum are given below. The nitroplatinate, Pt(N 02)4 , 

is especially stable, as the platinum is not precipitated by 
alkalies or hydrogen sulfide, and strong acids form the 
nitro-acid, H 2 Pt(N 02 ) 4 . Like Ni"*^ and Pd"^, these com- 
pounds have planar coordination instead of tetrahedral. 

Platmo-coordination Compounds. 

M2[PtCl4] M2[Pt(CN)4] [PtCl2(NH3)2] 

M2[PtBr4] M2[Pt(CNS)4] [Pt(NH3)4]Cl2 

M2[Pt(N02)4] M[PtCl3-NH3] M[Pt(CNS) 3 CO] 

32. The -I- 3 State. — ^The trichloride may be formed at 
high temperatures. When warmed with hydrochloric acid the 
following decomposition occurs: 2 PtCh -f 4C1- = PtCh — 
H- PtCls . There is some evidence for the sesquioxide 
Pt 203 . The complex cyanide ion Pt(CN) 4 “ is stable. 

33. The -h 4 State. — ^When platinum is dissolved in 
aqua regia, chloroplatinic acid is formed in solution; and 
upon removal of nitric acid by excess of hydrochloric acid, 
the hexahydrate, H 2 PtCl 6 ' 6 H 20 , may be obtained by crys- 
tallization. The aqua regia solution also contains the 
nitrosyl chloroplatinic chloride, PtCl 4 (NO) 2 Cl 2 . By igniting 
the chloro-acid in an atmosphere of chlorine, the tetrachlo- 
ride PtCU, is obtained. This salt is soluble in water, and 
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when heated to 370 ° decomposes: PtCU = PtCl2+ CI2. The 
trichloride probably forms as an intermediate step. 

The chloroplatinates are the most important compounds 
of the metal. The silver and cesium salts are insoluble, and 
the rubidium, potassium, and ammonium only slightly 
soluble; hence these compounds are precipitated when the 
chloro-acid is treated with a solution of the corresponding 
positive ion. 

Platinum tetrabromide and iodide are analogous to the 
chloride. 

When the tetrachloride is heated with an excess of sodium 
hydroxide, sodium platinate, Na2Pt(OH)6, is formed in 
solution; upon neutralizing this solution with acetic acid 
the hydrated dioxide, Pt 02 * 4 H 20 or H2Pt(OH)6, is pre- 
cipitated. The oxide is soluble in the halogen acids, and in 
sulfuric acid gives a solution of the sulfate, Pt(S04)2. 

Platinic sulfide, PtS2, is precipitated from acid solutions 
of the chloroplatinate by hydrogen sulfide. It is insoluble 
in nitric acid, but soluble in ammonium polysulfide. 

Hundreds of complex platiniammmo-salts are known in 
which platinum generally has the coordination number six. 
Examples of these complex types are: [Pt(NH3)6]X4, 
[Pt(NH 3 ) 4 X 2 ]X 2 , and [Pt(NH3)X5]R. 

Nitroplatinites are oxidized by halogens with the forma- 
tion of tetranitro dihalidoplatinates, e.g. K2Pt(N02)4Cl2. 
Complex platimthiocyanides, e.g. K2Pt(CNS)6, have been 
prepared ; but the platinocyanides are oxidized to the + 3 
and not the -|- 4 state, e.g. AgPt(CN)4. 

34 . Perplatinate. — In alkaline solution, the platinates are 
coverted by anodic oxidation into perplatinate, e.g. 
K2Pt04. These compounds are decomposed by sulfuric 
acid, leaving an insoluble trioxide, Pt03, which readily 
evolves oxygen upon heating. 

86 . Analytical. — ^The general principles of the scheme for 
the separation of the platinum metals, given by Gilchrist 
and Wichers, are as follows: 
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Osmium is removed as the tetroxide by distilling with 
nitric acid. The gas is absorbed in a solution of sulfur 
dioxide and hydrochloric acid. Ruthenium is next removed 
as the tetroxide by distillation after the addition of sulfuric 
acid and sodium bromate. The same absorbing agent is 
employed. 

Rhodium, iridium, and palladium are precipitated and 
separated from platinum as the hydrous dioxides. The 
precipitation is made with sodium bicarbonate at about 
pH 6 from a chloride solution in the presence of sodium 
bromate. Platinum is precipitated from the filtrate after 
the addition of hydrochloric acid by saturating with hy- 
drogen sulfide. 

The dioxides of rhodium, iridium, and palladium are dis- 
solved in hydrochloric acid and the palladium precipitated 
with dimethylglyoxime. The latter reagent is destroyed in 
the filtrate by evaporation with sulfuric acid and the 
rhodium precipitated as the metal by titanous chloride. 
The titanium which has been added may be removed with 
cupferron (C 6 H 5 N*NO*ONH 4 ) and the iridium precipitated 
as the hydrous dioxide. After the isolation of the various 
elements, they are generally converted to the metal and 
weighed as such. 

It is frequently necessary to separate gold from the 
platinum metal. This is readily accomplished by the pre- 
cipitation of the metal from a 1.2iYHCl solution by reduc- 
tion with hydroquinone. The platinum metals remain in 
solution. 




Chapter XXI 


SCANDIUM, YTTRIUM, AND THE RARE EARTH 

ELEMENTS 

1. Following barium, atomic number 56, there occurs a 
group of 15 remarkably similar elements known as the Rare 
Earths, which form + 3 ions resembling those of scan- 
dium and yttrium, the two preceding elements of Main 
Group III. The existence of this group was long a puzzling 
problem, as the older forms of the periodic table predicted 
but one element at this point. The explanation is now 
given in terms of the electronic structure of the atoms. 
The distribution of electrons in the various quantum levels 
in lanthanum, 57, and lutecium, 71, appears to be as 
follows; 


Quantum level 

Is 

25 

2p 

3s 


3d 

45 

ip 

U 

4/ 

5s 

5p 

5d 

6s 

Number of f La . . 

2 

2 

6 

2 

6 

10 

2 

6 

10 


2 

6 

1 

2 

electrons \ Lu . . 

2 

2 

6 

2 

6 

10 

2 

6 

10 

14 

2 

6 

1 

2 


Up to lanthanum, no electrons have gone into the 4/ level, 
as the 5s, 5p, and 6s quantum levels represent lower en- 
ergies since, in terms of the Bohr picture, electrons in these 
highly elliptical orbits are on the average closer to the nu- 
cleus. When these levels are occupied, the 4/ levels then 
become the next most stable positions, and as 14 electrons 
are required to fill it, we find this group of 15 elements with 
the same number of outer or valence electrons, and differing 
only in the number of electrons in a level comparatively 
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deep within the kernel. The elements give up their Sd 
and 6^ electrons fairly easily, and thus all form ions like 
La+++. 

The history of the rare earths dates from the discovery 
(about 1800) of two earth-like oxides which were given the 
names yttria and ceria. Further study of these oxides has 
resulted in the discovery of all the rare earth elements, al- 
though the final one, illinium, has not been isolated. 

Although crude ceria and yttria generally contain at 
least traces of all the other rare earths, the former consists 
largely of the oxides of the elements of atomic numbers 57 
to 62 ; and the latter of oxides of yttrium and the elements 
63 to 71; these groups are generally designated as the 
Cerium Subgroup and the Yttrium Subgroup. 

2. The rare earth elements are so similar that it is ex- 
tremely difficult, in general, to separate two succeeding 
elements. There is, however, a gradual change in the prop- 
erties in going from lanthanum to lutecium; for example, 
there is a slight decrease in the atomic volume and a cor- 
responding slight decrease in the basic nature of the ses- 
quioxide. Yttrium, being smaller than lanthanum, re- 
sembles the heavier members more than it does the lighter 
ones. Scandium is less basic than yttrium, and resembles 
aluminum more than the other elements do. 

3. Since La+++, with no / electrons, is especially stable, 
cerium tends to assume the same electron structure which 
it can do by forming a -f 4 ion. Likewise, ytterbium tends 
to form the Lu'*^^ structure (completed/ shell) and in addi- 
tion to Yb++^ forms Yb++. Gadolinium has one / electron 
in each of the seven / orbitals and Gd+++ is more stable than 
the + 3 ions of neighboring elements. Hence there is con- 
siderable tendency for europium to form Eu+^ and terbium 
to form Tb"*^. It is interesting to note that the densities of 
europium and ytterbium (Table I) are out of line with the 
other rare earth metals and resemble more nearly those of 
the alkaline earth elements. 
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4. Compounds of most of the rare earths are highly 
magnetic (Table I). In completed electron shells, the orien- 
tation of the electron orbits appears to be such as to give 
zero resultant electrical moments, but this is not the case in 
uncompleted groups. Thus lanthanum ion, La+++, and 
lutecium ion, Lu+++, are not magnetic; but the transitional 
elements between are highly so. 


TABLE I 

Properties of Scandium, Yttrium, and the Rare Earth 
Elements 


Atomic 

Num- 

ber 

Name 

Sym- 

bol 

Atomic 

Weight 

Den- 

sity 

Point 

Color of 
Salts 


21 

Scandium ... . 

Sc 

45.10 

(2.5) 

1,200 

Colorless 



39 

Yttrium 

Y 

88.92 

5.57 

1,490 



— 

S7 

Lanthanum . . . 

La 

138.92 

6.16 

826 


r -iv 

0 








IC 

orange 


58 

Cerium 

Ce 



675 


-ous 

11.4 








color- 









less 


59 

Praseodymium 

Pr 

140.92 

6.8 

982 


jreen 

17.8 

60 

Neodymium , . . 

Nd 

144.27 

7.0 

840 

Red 

18.0 

61 

Illinium 

11 

— 

— 

— 


— 

— 

62 

Samarium 

Sm 

150.43 

7.7 

> 1300 

Pink 

8.0 

63 

Europium 

Eu 

152.0 

5.24 


Rose 

17.9 

64 

Gadolinium 

Gd 

156.9 

7.95 


Colorless 

40.0 

65 

Terbium 

Tb 

159.2 

8.33 



** 

47.1 

66 

Dysprosium ... 

Dy 

162.46 

8.56 


Yellow 

52.2 

67 

Holmium 

Ho 

163.5 

— 




52.0 

68 

Erbium 

Er 

167.2 

9.16 


Red 

47.0 

69 

Thulium 

Tm 

169.4 

9.34 


Green 

35.6 


Ytterbium 

Yb 


7.01 


Colorless 

21.9 

71 

Lutecium 

Lu 

175.0 

9.74 


L 


0 


6. Somewhat similar considerations apply to the colors 
of the rare earth compounds. Ions such as Na"*", Cl“, La"^^, 
and Lu''^+, which contain completed electron groups are 
colorless; while ions of such as Cr+^, Co"*^, and most of 
the rare earths, which belong to transition groups, are gen- 
erally colored. Characteristic absorption lines of the various 
elements in solutions of their compounds offer an easy 
method for their detection. The atomic emission spectra are 
readily excited in the electric arc. 
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6. Occurrence. — It is estimated that all the rare earths 
together constitute only 1.5 X 10“'* per cent of the igneous 
rocks. The order of decreasing abundance of the members 
of the group is given as: Ce, Nd, La, Y, Sm, Gd, Pr, Er, Yb, 
Lu, Dy, Ho, Tm, Tb, Eu, and II. It may be observed from 
this order that the elements of odd atomic numbers are, in 
general, much less abundant than the even-numbered ele- 
ments; and that the Yttrium Subgroup is less abundant 
than the Cerium Subgroup. The approximate percentage 
of scandium in the igneous rocks is 10“^ and yttrium is 
probably somewhat more abundant. 

The most important source of the Cerium Subgroup is 
the mineral monazite, which is essentially RPO4 (where R 
stands for any rare earth element), with generally 4 to 12 
per cent of thorium phosphate. Although composed largely 
of cerium earths, it also contains a few per cent, 1 to 5, of 
the Yttrium Subgroup. Brazil and Travancore in India are 
the principal producers of the mineral, which is generally 
found in alluvial deposits or sands, where it has concen- 
trated due to the high specific gravity of the particles. A 
phosphate, xenotime, which contains largely yttrium earths, 
also occurs. 

Gadolinite is an yttrium silicate of the approximate 
formula, Be 2 FeY 2 Si 20 io, and cerite is the cerium group 
silicate, H 3 [Ca, FeJCeaSisOio. Yttrocerite is a rare earth 
with calcium fluoride, approximately RF 2 -CaF 2 , which con- 
tains about equal quantities of the two subgroups. Colum- 
bates and tantalates, such as fergusonite, (R) 203 [Cb, 
TaJoOs, are found, often associated with thoria, zirconia, 
and uranates. Mineral carbonates also occur. 


Preparation and Properties of the Metals 

7. Due to the highly electropositive nature of the rare 
earths, the metals are difficult to prepare. The most satis- 
factory method is the electrolytic reduction of the oxide in 
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the molten fluoride. Reduction with sodium or magnesium 
generally gives an alloy. 

An alloy of the metals of the cerium group is obtained 
from the rare earth residues of monazite sand, and is called 
Misch metal, or commercially “cerium.” It is generally 
about 70 per cent cerium, and contains some iron. It is 
highly pyrophoric, i.e. gives sparks if scratched, especially 
if alloyed with iron, and is used extensively for cigar 
lighters, gas lighters, etc. During the World War, it was 
used in tracer bullets and luminescent shells. 

The metals of the cerium group, except illinium, have 
been prepared in fairly pure form; but those of the yttrium 
group have not, as the higher melting points of these metals 
and the greater volatility of their chlorides render the elec- 
trolytic process difficult of operation. 

The melting points and densities are given in Table I. 
The lower melting metals are about as soft as tin, but the 
higher melting ones resemble iron. The cerium metals 
tarnish readily in moist air and ignite when heated. Cerium 
has a kindling temperature of 165°, neodymium 270°, and 
lanthanum 445°. The most important reactions are sum- 
marized in Table II. 


TABLE II 

Reactions of Rare Earth Metals 


4 M -f 302 = 2M2O3 

2M + 6H2O = 2 M( 0 H )3 + 3 H; 

2 M + 3X2 = 2MX3 

2 M + N2 = 2MN 

M + 2C = MC2 

2 M + 3 S = M2SS 

2 M -h 3H2 = 2MH3 

M = -h 3 e- 


Slow in cold 
X denotes halogen 

Forms with oxide when M burns in air 
At high temperature 

Reaction at comparatively low tem- 
perature 
La -h 2.37 


Compounds 

8. (a) The -b 3 State. — Important solubility relations of 
the cerium and yttrium groups are summarized in Table III. 
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Lanthanum hydroxide is distinctly basic, and the hydrox- 
ides of the yttrium group, while less basic, do not dissolve 
in excess hydroxide. The sulfides, cyanides, simple sulfates, 
and halides, except fluorides, are all soluble. 

Scandium forms a weaker base than any of the yttrium 
group, but resembles the cerium family in the slight solubil- 
ity of the double potassium sulfate. Like aluminum, it 
forms a complex fluoride ion, ScF 4 ~. 


TABLE III 

Properties of Rare Earth Compounds 



Cerium Group 
Elements 57 to 62 

Yttrium Group 
Yttrium and Elements 

63 to 71 

Hydroxides . 

Somewhat soluble in 
water 

Slightly soluble in water 

Carbonates 

Not soluble in water 
nor (NH4)2C03 
solution 

Not soluble in water; solu- 
ble in (NH4)2C03 solu- 
tion 

Oxalates 

Not soluble in water 
nor (NH4)2C204 
solution 

Not soluble in water; solu- 
ble in (NH4)2C204 solu- 
tion 

Fluorides 

Potassium sulfates 

Not soluble 

Not soluble 

K.R(S04), 

Not soluble in K2SO4 
solution 

Soluble in K2SO; solution 

Nitrates 

Soluble in water; less 
soluble in HNO3 

Soluble in water; less solu- 
ble in HNOs, especially 
Gd(N03)3 

Basic nitrates 

Double nitrates, e.g., 

Somewhat soluble 

Slightly soluble 

Mg3R(N03)i2-24H20.. . 

Easily crystallized 

Not readily crystallized 

Phosphates RPO4 i 

Not soluble 

Not soluble 

Formates 

Slightly soluble 

Moderately soluble 


9. (b) The + 4 State. — Cerium forms a well defined 
series of -f- 4 compounds. In this state cerium is very 
similar to thorium, and the element is often considered as 
a member of the fourth periodic group. 

Cerium dioxide is formed upon igniting cerous oxide. 
The hydrous oxide may be formed by the oxidation of 
cerous hydroxide in alkaline solution, or by the action of 
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alkalies upon ceric salts. It is soluble in nitric, sulfuric, and 
cold hydrochloric acids, giving the corresponding salts in 
solution. The chloride solution readily evolves chlorine 
upon heating. The fluoride, CeF4'H20, is insoluble in water. 
It forms complex salts with the alkali fluorides. The iodate, 
Ce ( 103 ) 4 , is slightly soluble, resembling the thorium com- 
pound. Ceric ion is a powerful oxidizing agent. An accurate 
E° value cannot be given as the activities are not known. 
In \M H 2 SO 4 and equal concentration of and Ce*^ 

the potential is — 1.44 and in nitric and perchloric acids, 
around — 1.6. Ceric sulfate is a valuable volumetric re- 
agent. In most respects it is very similar to permanganate 
but is not as highly colored so that the end-point must be 
determined by using either a spot plate reagent or an oxidiz- 
able dye. 

Praseodymium, neodymium, and terbium all form di- 
oxides (or solid solutions of RO 2 in ReOa) but they are even 
more powerful oxidizing agents than Ce 02 and difficult to 
prepare pure. 

10. The -t- 2 State. — Compounds of Eu"*^, Yb++, and 
Sm"*^ are known, the potential of the couple, Eu"*^ = Eu''"’^ 
-f e~ is 0.43 and the values for the corresponding couples 
for ytterbium and samarium appear to be about 0.6 and 
0.8 respectively. Thus Eu++ is the only one of the ions 
which does not rapidly liberate hydrogen from water. It is 
readily prepared by the reduction of Eu++''' with zinc. The 
-j- 2 ions resemble Ba"'"*' in the solubilities of their salts. 

11 . Separation and Analyses . — A fairly satisfactory 
method of separating scandium, thorium, and most of the 
members of the cerium subgroup is outlined in Table IV. 

The complete separation of the neighboring elements of 
the yttrium rare earth group can be accomplished only by 
repeated fractional crystallization or precipitation. Thus, 
in the original separation of ytterbium and lutecium, 15,000 
crystallizations were made. 

The yttrium group is commonly divided into three sub- 
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groups, and the members of each subgroup are usually 
separated as indicated below: 


Yttrium 

Group 


Terbium 

Subgroup 

Erbium 

Subgroup 

Ytterbium 

Subgroup 


Eu 

Gd 

Tb 

Dy 

Ho 

Er 

Tm 

Y 

Yb 

Lu 


Separated by fractional crystallization of 
double sulfates and ethyl sulfates. 

Separated by fractional crystallization of 
ethyl sulfates and bromates. 

Separated by fractional crystallization of 
nitrates in nitric acid, bromates, or double 
ammonium oxalates. 



Chapter XXII 


THE RADIOACTIVE ELEMENTS 

1. The Atomic Nucleus. — ^The ordinary chemistry of the 
elements is concerned almost entirely with those atomic 
properties which depend upon the valence electrons, and the 
only significance of the atomic nucleus is its positive charge 
which determines the number of orbital electrons or the 
atomic number. Iri this chapter a brief discussion will be 
given of the properties of the nucleus and their relation to 
transmutation reactions. 

The radius of the nucleus increases from about 2 X 10~“ 
cm. for helium to about 8 X cm. for uranium. The 
relation of volume to mass is that which would be expected 
for the close packing of some fundamental mass particle. 
Moreover, it was early observed that the atomic weights of 
the lighter elements, Table I, with oxygen taken as 16, 
were very close to whole numbers which suggested that the 
nucleus was an aggregate of particles. The assumption was 
first made that the nucleus was a condensed system of 
protons (hydrogen nuclei) and electrons. However, the dis- 
covery of the neutron (Par. 17 ) with approximately the 
mass of the proton and zero charge, has led to the more 
reasonable assumption that the nucleus consists of a close 
packing of protons and neutrons. Thus the (nomen- 
clature indicating atomic number 8 and mass 16) nucleus 
may be thought of as eight protons and eight neutrons. 
The decrease in mass (8 X 0.0091 -f 8 X 0.0081 = 0.1476) 
represents the binding energy of the nuclear particles. 
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TABLE I 

Atomic Masses of the Lighter Eiements 


(These values are for Ow = 16 instead of the chemical atomic weights which 
take the mixed oxygen isotopes = 16. The latter are obtained by dividing by 
1.00023.) 


Nucleus 

Atomic Mass 

Nucleus 

Atomic Mass 


1,0091 


12.0036 

— 


eC” 

13.0073 

iH^ 

1.0081 



iH2 

2.0147 

7N« 

14.0073 

iw 

3.0171 


15.0048 

aHe^ 

3.0171 

80“ 


aHe^ 


sO” 






aLi® ! 

6.0167 


— 


7.0180 





ioNe®« 

19.9986 

iBe’ 

9.0149 



,86“ 

10.0164 

isAl” 

26.9909 

tB“ 

10.0161 

»Si“ 

27.9860 


11.0128 

14Si« 

28.9864 


Since 1 gram equals 9 X 10“ ergs or 9.32 X 10® electron 
volts, this binding energy in $0^® is 137 million electron volts. 
The reason that so many isotopes have atomic weights 
which are close to whole numbers arises through the fact 
that the mass contraction in the formation of the oxygen 
nucleus is an excellent mean value for a large number of 
elements. 

2. Radioactivity. — For a given atomic number there is a 
limited range of the neutron to proton ratio for which the 
nuclei are stable. This range is greater for the elements of 
even atomic number than for those of odd and as a result 
the even atomic numbers have a larger number of isotopes. 
If the ratio is outside the stable range, nuclear reactions or 
radioactivity results. Thus if there is too large an excess of 
neutrons, electron emission or beta-radiation occurs. It is 
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not necessary to think of the electron as existing in the 
nucleus but rather that it is created by the conversion of a 
neutron into a proton, i.e., neutron equals proton plus 
electron. The loss of a beta-particle increases the atomic 
number by one and thus displaces the product to a periodic 
group one higher than the parent element. 

If there is too large an excess of protons, a number of re- 
actions may occur. With the heavier elements, an alpha- 
particle is emitted. This particle is the helium ( 2 He^) 
nucleus. Since it has a charge of -1- 2 the resulting atom 
occupies a position in the periodic system two groups 
lower than the parent. The alpha-particle is remarkably 
stable and in general the more abundant isotopes have mass 
numbers which are multiples of four, so it appears that the 
group of two protons and two neutrons must have some 
significance in the nuclear structure. Alpha-radioactivity 
often occurs with enormous energy, thus the a-particle from 
thorium C' has an energy of 10.5 million e.v. 

Another process which decreases the positive charge on 
the nucleus is the emission of a positron. This process is 
not known in the naturally occurring radioactive elements 
but frequently is observed in isotopes produced by bom- 
bardment (cf. Par. 18). The positron appears to be iden- 
tical with the electron except for the opposite sign of the 
charge. The failure to observe the particle until recently 
was due to its short life in the presence of electrons; one 
positron and one electron react to form a photon or high 
energy (1.02 million e.v.) light ray, with their mutual an- 
nihilation. This process is reversible and the creation of a 
positron-electron pair from a high energy photon has been 
observed. 

A third method by which the positive charge on a nu- 
cleus may be reduced is the reverse of j8-radiation, that is, 
the capture of one of the inner orbital (K) electrons. This 
process is difficult to observe. It is known to happen in a 
number of the artificially produced radioactive isotopes 
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and may be taking place in some of the so-called stable 
isotopes. 

The emission of particles from the nucleus is frequently 
accompanied by very high energy light rays, gamma-rays, 
which have higher frequencies than the hardest X-rays. The 
spectra of a-rays often show several discrete energy groups 
corresponding to different quantum levels of the product 
nucleus. In this case the excess of energy in the excited 
product nucleus is emitted in the form of -y-radiation. The 
^-ray spectrum shows a continuous distribution of energy 
among the emitted electrons, terminating in a more or 
less sharp upper limit. Since the energies of the elec- 
trons from the nuclei are different but the energies of 
the initial and final nuclei are presumably the same, the 
question of the conservation of energy in the process is 
difficult to answer. The assumption is made that the 
energy must be taken away by some new kind of particle 
still escaping observation. This assumed particle is called 
the neutrino. 

3. The Transformation Series. — The natural radioactive 
elements, except potassiurn, rubidium, lutecium and sama- 
rium, are all products of the disintegration of the two par- 
ent elements, uranium and thorium. The decomposition of 
these elements takes place in a series of alpha and beta 
steps, giving rise to the so-called uranium and thorium 
transformation series, the final product of each being an 
isotope of lead. A third series, the actinium series, also 
exists, which, like the others, ends with lead; but since 
uranium ores always contain actinium in constant ratio, it 
is assumed to be a branch of the uranium series, about 3 
per cent of the uranium decomposing in this manner. Some 
of the radioactive elements undergo more than one type of 
disintegration, thus causing forking in the series. Table II 
gives the generic relations in the three'series, and Table III 
summarizes some of the data relating to the members of the 
series. 
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4. Radioactive Constants. — The rate of decomposition is 
usually expressed by the fraction, X, of a given quantity, Q, 
decomposed in a unit time, X = {llQ)(dQ/dt). The average 
life, e, is 1/X, and the half period, T, i.e. the time required 
for the transformation of one half of a given quantity, is 
0.690. If one element is decomposing to form a second ele- 
ment, which in turn decomposes into a third element, the 
number of atoms of the first and second elements, Ni and 
N 2 , when a steady state is reached, is: NiXi = N 2 X 2 . The 
velocity of the emitted rays is generally expressed relative 
to that of light, and their penetrating power in cm. of air, 
aluminum, or lead. An empirical relation of Geiger and 
Nuttall states that the logarithm of the average life is in- 
versely proportional to the logarithm of the range of the 
alpha-particle in air for a given transformation series. 

6. Chemistry of the Radioactive Elements. — The follow- 
ing paragraphs will present the more important facts per- 
taining to the chemical and physical properties of the 
naturally occurring radioactive elements. 

6. The chemistry of uranium has been discussed in 
Chapter XVn. The ratio of abundance of UI to UII is 
about 2000 to 1. The isotope 235 which is present in some- 
what larger amounts than UII is probably the parent of the 
actinium series. 

7. Protoactinium is present in all uranium ores, about 7 
X 10“® g. per g. of uranium. As a member of Group V, it 
resembles its homologue tantalum, atomic number 52, in its 
chemical properties. A few tenths of a gram of the element 
in the form of oxide have been isolated. The pentoxide is 
somewhat more basic than the tantalum oxide. The chlo- 
ride, Pads has been prepared and the oxide dissolves 
readily in HF. Salts such as K 2 PaF 7 may be crystallized 
from a solution. Like thorium the element may be pre- 
cipitated as a peroxy-acid. 

The very unstable uranium, X 2 , also called brevium, may 
be separated from its parent element uranium Xi by taking 
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TABLE II 


Transformation Series 


Group 

3' 

4' 

D 

B 

Bl 

fl 

B 

B 

B 

4 

5 

6 

Atomic No 

81 

82 

83 

84 

85 

86 

87 

88 

89 

90 

91 

92 

Rs 

Rj 

iA< 1 

E 

u; 

1 

uz 

/ 

Uj 

\ 

UXa 

\ 

o< m 

E 

[I 



\ 


RaC"'*- 

— RaC 

\ 


\ 

RaD^ 

— RaC‘ 


l\ 



RaE 



\ 

RaG^ 

— Po 

AcB<~ 



UY^ AcU 



Ac< Pa 

\ 

-An^ AcX< RdAc 


\ 

AcC"< AcC 

\ \ 
AcD< AcC' 


ThB< ThA< ^Tn' 

\ 

ThC"< ThC 

\ \ 

ThD< ThC' 


MsThI< ^Th 

\ 

MsThll 

\ 

■ThX< RdTh 


advantage of the difference in properties of thorium and 
tantalum. Thus, the mixture treated with hydrogen fluo- 
ride forms the slightly soluble UX1F4, while the uranium 
X2 goes into solution, doubtless as the complex fluoride. 

Uranium Z also appears to be a product of uranium Xi, 










TABLE III 

Properties of the Radioactive Elements 


Atomic 

Number 

Element 

Mass 

Num- 

■BER 

Half 

Period 

Parent 

Element 

Radia- 

tion 

Disinte- 
gration 
Energy: 
Electron 
Volts X 10-« 

92 

Uranium I 

238 

4.5 X 108 yrs. 


OL 

4.05 

92 

Uranium II 

234 

2 X 108 yrs. 

UX 2 

a 

4.63 

92 

Ac Uranium 

235 



Oi 


91 

Protoactinium , 

231 

3 X 10* yrs. 

UY 

a 

5.01 

91 

Uranium X 2 

234 

1.14 min. 

UXi 


2.32 

91 

Uranium Z 

234? 

6.7 hrs. 

UX 

p 

— 

90 

Thorium 

232.12 

1.39 X 1010 yrs. 


a 

4.23 

90 

Ionium 

230 

7.6 X 10* 

UII 

a 

4.54 

90 

Radiothorium 

228 

1.9 yrs. 

MsThll 

a 

5.33 

90 

Uranium Xi 

234 ! 

24.5 days 

UI 

/3 

0.13 

90 

Radioactinium 

227 

18.9 days 

Ac 

a 

6.05 

90 

Uranium Y 

230? 

25.5 hrs. 

AcU 

& 

— 

89 

Actinium 

227 

18.4 yrs. 

Pa 

? 

0.22 

89 

Mesothorium II 

221 

6.1 hrs. 

MsThI 

P 

1.6 

88 

Radium 

226 

1,590 yrs. 

lo 

a 

4.79 

88 

Mesothorium I 

228 

6.7 yrs. 

Th 

P 

0.05 

88 

Actinium X 

223 

11.2 days 

RdAc 

pL 

5.7 

88 

Thorium X 

224 

3.6 days 

RdTh 

a 

5.68 

86 

Radon 

222 

3.8 days 

Ra 

a 

5.49 

86 

Thoron 

220 

54.5 sec. 

ThX 

a 

6.28 

86 

Actinon 

219 

3,9 sec. 

AcX 

a 

6.83 

84 

Polonium 

210 

136 days 

RaE 

a 

5.30 

84 

Radium A 

218 

3.05 min. 

Rn 

a 

6.11 

84 

Thorium A 

216 

i 0.14 sec. 

Tn 

oc 

5.60 

84 

Actinium A 

215 

2 X 10-3 

An 

ot 

7.36 

84 

Actinium C' 

211 

10-3 sec. 

AcC 

OL 

6.5 

84 

Radium C' 

214 

10-* 

RaC 

OL 

10.5 

84 

Thorium C' 

212 

10-^ sec. 

ThC 

\a 

10.5 

83 

Bismuth 

201 

Stable 


I 


83 

Radium E 

210 

4.85 days 

RaD 

P 

1.22 

83 

Thorium C 

212 

60.8 min. 

ThB 

A Ct 

2.25, a 6.08 

83 

Radium C 

214 

19.5 min.? 

RaB 


/33.15,a5.5 

83 

Actinium C 

1211 

2.16 min.? 

AcB 

a, (P) 

P — ,a5.4 

82 

Radium G 

206 

Stable 

Po 

Rayless 

— 

82 

Thorium D 

208 

Stable 

ThC', ThC" 

Rayless 

— 

82 

Actinium D 

207 

Stable 

AcC", AcC' 

Rayless 

— 

82 

Radium D 

210 

25 yrs. 

RaC', RaC" 

/3 

0.035 

82 

Thorium B 

212 

10.6 hrs. 

ThA 


0.35 

82 

Actinium B 

211 

36.1 min. 

AcA 


0.30 

82 

Radium B 


26.8 min. 

RaA 

/3 

0.65 

81 

Thallium 

204,39 

Stable 


/3 


81 

Actinium C" 

207 

4,76 min. 

AcC 

/3 

1.40 

81 

Thorium C” 

208 

3.2 min. 

ThC 

(3 

1.79 

81 

Radium C" 

210 

1.3 min. 

RaC 

P 

— • 
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and to give uranium II by a beta decomposition, but these 
relations have not been definitely established. 

8. The chemical properties of thorium have been dis- 
cussed in Chapter XV. The isotopes cannot be separated by 
chemical means, but, for their preparation, advantage may 
be taken of their different parentage ; thus ionium could be 
prepared free from thorium if a uranium ore free from the 
latter could be found. So far the purest sample of ionium 
prepared contains about 70 per cent thorium. 

The separation of radiothorium from thorium may be 
made by frequently adding barium chloride and sulfuric 
acid to thorium solution over a period of 20 years. In this 
time, all of the original radiothorium will have disappeared, 
and the mesothorium I, which would form more radio- 
thorium, is removed as the sulfate. 

Uranium Y is probably formed from actino-uranium. 

9. Actinium is separated from uranium ores along with 
the rare earths, and its isolation from these elements is 
difficult, especially since its beta radiation is difficult to 
detect, and its presence cannot easily be determined until 
sufficient time has elapsed to build up its decomposition 
products. Like the rare earths, the potassium complex 
sulfate, the fluoride, and oxalate are slightly soluble, though 
the latter dissolves readily in dilute acids. It is not pre- 
cipitated by hydrogen peroxide, as is thorium, nor by 
hydrogen sulfide. The hydroxide is more basic than lantha- 
num, is only partially precipitated by ammonium hydrox- 
ide, and dissolves readily in ammonium salts. 

If it becomes possible to separate pure protoactinium, 
actinium may be readily obtained from this source. 

The short life of mesothorium II leads to its presence 
only in extremely small quantities in thorium. 

10. Radium and its isotopes are the heaviest members 
of the alkaline earth group, and as such, they are very 
similar in properties to barium. Radium sulfate is less 
soluble (2.1 X 10~® g. per 100 g. of water) than barium sul- 
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fate, and the hydroxide is more soluble. It is generally 
separated from barium by the fractional crystallization of 
the chlorides or bromides, the radium salts being the less 
soluble. 

The commercial sources of radium are unaltered uranium 
minerals, such as pitchblende, largely UaOg, and camotite, 
K20(U03)2V205-3H20. The radium content of the un- 
altered ores is about 3.4 X 10“’ g. per g. of uranium. 

The process of extraction depends somewhat upon the 
type of mineral, but generally involves the precipitation of 
all the insoluble sulfates and the isolation of the barium and 
radium from this precipitate. This may be accomplished 
by reducing the sulfate to sulfide by carbon, dissolving the 
product in acid, and precipitating lead and other impurities 
by hydrogen sulfide. The first extraction of radium was 
carried out by M. and Mme. Curie. The principal source of 
radium at present is the rich uranium ores of the Belgian 
Congo, but recently discovered northern Canadian ores 
are assuming importance. One gram of radium emits 
3.7 X 10“ alpha-particles per second. The energy is equiva- 
lent to 137 cal. per hour or a total heat for the whole life of 
the radium equal to the combustion of half a ton of coal. 

Mesothorium I is a constituent of all thorium minerals, 
but its shorter life renders it less abundant, about 3 X 10““ 
g. per g. of thorium. Since the thorium ores contain some 
uranium, radium is always present in the mesothorium. 
The commercial extraction from monazite is accomplished 
in a manner similar to that of radium. Mesothorium I 
changes to mesothorium II by a beta change, but the ray is 
very soft. However, the activity of the mesothorium de- 
composition products is such that a mesothorium prepara- 
tion is 240 times more active than the same weight of 
radium. 

Actinium X and thorium X are important only as sources 
of the very active decomposition products of the two 
series. 
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11. Radon, also called niton, or radium emanation; 
thoron, called thorium emanation; and actinon, called 
actinium emanation, are members of the noble gas family. 
The latter two, however, are too unstable to be of impor- 
tance in themselves. 

Radon melts at — 71°, and boils at — 62°. It is some- 
what soluble in water, and very soluble in a number of 
organic liquids. Small quantities frequently occur in min- 
eral waters. The volume of radon in equilibrium with 1 g. 
of radium is 6.3 X 10“® cc. (this quantity is called 1 
“curie”). 

12. Polonium, also called radium F, and its very unstable 
isotopes are members of Group VI, and hence resemble 
their homologue, tellurium. In acid solution, polonium 
forms the ion, Po"*"*", which is a rather powerful oxidizing 
agent; 

Po = Po'*"*' -I- 2e~; — 0.65 volt 

Like lead ion, it may be deposited by anodic oxidation as 
the dioxide : 

Po++ -f- 2 H 2 O = P 0 O 2 + 4H+ +2e-; - 0.8 volt 

The dioxide has acid properties and appears to form salts 
of P0O3 . Polonium is precipitated by hydrogen sulfide, 
presumably as PoS, and there is evidence for the formation 
of a very unstable hydride, P 0 H 2 . 

Polonium is conveniently prepared from radium D or 
radiolead by fractional crystallization of the nitrates, or by 
the electrolytic reduction of the polonium. 

The isotopes of polonium constitute part of the so-called 
“active deposits” formed by the disintegration of radon 
and its isotopes. They are usually collected by hanging 
negatively charged platinum foil in the gas. The extremely 
unstable C' elements are notable for their very penetrating 
alpha-particles. 
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13. The chemistry of bismuth is considered in Chap- 
ter XVI, and the chemical properties of its radioactive 
isotopes are doubtless the same. These isotopes may be 
separated from the “active deposit” (Par. 12) by taking 
advantage of decreasing ease of cathodic reduction from 
Subgroup VI to Subgroup IV. Simple heating of the active 
deposit on a platinum foil gives a partial separation, as the 
lead isotopes are more volatile than those of bismuth. 

The “C” elements undergo both j8 and a decomposition, 
the percentages of the ^ changes being RaC, 99.97 ; AcC, 
0.2; The, 66. 

14. Most uranium ores contain radium G mixed with 
ordinary lead, but the mineral curite gives pure radium G 
with an experimental atomic weight of 206.09, thus agreeing 
very closely with that predicted from the atomic weight of 
uranium. The purest thorium D which has been obtained 
from thorium minerals has an atomic weight of 207.9. 

Radium D differs from the other two “D” elements in 
undergoing further decomposition. It has been isolated 
from radium preparations in barely visible quantities. 

The “B” elements are present in the “active deposit” 
of the emanations, and may be separated by the greater 
volatility of their oxides, and by the fact that they are 
more electropositive than the isotopes of bismuth and 
polonium. 

One g. of uranium in equilibrium with its products gives 
1.26 X 10~“ g. of Pbaos per year, and 1 g. of thorium 4.8 
X 10~“ g. of Pbaos per year. These figures are used in 
estimating the age of various minerals. 

16. The very unstable isotopes of thallium may be iso- 
lated by collecting on a negative foil placed opposite a foil 
containing “active deposit” (Par. 12), since they are 
ejected from the deposit as the “recoil” product of the 
disintegration of the “C” elements. It is assumed that the 
product of their jS disintegration is the same “D” element 
as is formed from the “C” elements. 
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16. Potassium, rubidium, and lutecium all show /3-activ- 
ity. The active isotopes are probably Rb®^, and 

The upper energy limits of the rays in m.e.v. are 0.75, 
0.137, and 0.215 respectively. 

Samarium has a soft a-ray activity, the range being 
1.2 cm. in air and the calculated half-life 7 X 10“ years. 
It appears to be established that the neighboring rare earth 
neodymium has a weak j8-activity. 

17. Artificial Disintegration. — In 1919 Rutherford ob- 
served that the fast RaC a-particles in passing through 
nitrogen gas occasionally (20 times per million a-particles) 
produced a new long range particle which was identified as a 
proton. The mechanism of the process proved to be the 
nuclear reaction. 


aHe^ + 7N« = sO" + iW 

This experiment directed attention to the possibility of 
transmutation reactions and has led in recent years to the 
development of mechanisms for producing beams of high 
speed particles, especially protons and deuterons (iH® 
nuclei). The most important of these has been the Lawrence 
cyclotron. Hundreds of transmutation reactions have now 
been carried out and msiny new, highly unstable radioactive 
isotopes have been discovered. 

The capture of the alpha-particle and the emission of a 
proton, illustrated above for nitrogen, occurs with many of 
the lighter elements, B“, F», Ne«, Mg=«, Mg^*, Mg“, Al", 
Si“, PS and However, in some cases (e.g. Li®, LP, 
Be®, Be“, N“, F“, Na®®, Mg®*, Al®®, and P*) the capture 
results in the emission of the neutron. 

4Be® -1- jiHe* = eC*® + on® 

This new particle had escaped detection because it produces 
no ionization along its path. Chadwick first deduced its 
presence from its ability to eject protons from material con- 
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taining hydrogen. The neutron reacts with most nuclei and 
these reactions are considered below, Par. 19. 

18. Proton and Deuteron Transmutation. — ^The proton 
and deuteron can penetrate the potential barrier of the 
positive nucleus much easier than the alpha-particle be- 
cause of their smaller charge. The following are the more 
important transmutations produced by bombardment with 
high energy protons: 

-f iW = 6C“ H- zHe' 

jLP + = 22He^ 

5B“ -h iff = 32He' 

4Be9 + = 4Be8 iD^ 

+ iH^ = -h hv 

The first of these reactions is also shown by Li®, F'®, 
Na®®, and ff®. 

Bombardment with deuterons leads to the following 
types of nuclear reactions, 

iD® + iD® = sHe® + on® 
iD® -h iD® = iT® + iH® 
sLi® -f- iD® = sLi® + iH® 
sLi® + iD® = 22He^ -t- on® 
sB®® -h iD® = eC®® -f on® 
uNa®® -h iD® = loNe®® -h 2 He® 

The first reaction is important as a source of neutrons. 
The fifth reaction is essentially the same, i.e., a proton is 
added to the B®® nucleus and a neutron liberated and similar 
reactions are found with Be®, C®®, N®^, Na®®, and Al®®. Re- 
actions 2 and 3 result in the addition of a neutron to the 
nucleus and occur also with Be®, B®®, C®®, N®'®, O®®, Na®®, 
Al®®, and heavier elements. The formation of helium shown 
in the last equation is also given by Al®® and N®^. 

19. Neutron Reactions. — Neutrons produced by the ac- 
tion of alpha-particles on beryllium or by the deuteron 
bombardments have kinetic energies generally of several 
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million electron volts. These fast neutrons, especially since 
they are uncharged, can readily penetrate into a nucleus, 
and are very effective in producing disintegrations by colli- 
sion. The following equations illustrate the two most im- 
portant nuclear reactions produced. 

liAF + oni = uNa^ -]- sHe^ 

xsAF -b oni = nMg^" -b 

The first reaction with the neutron capture and the helium 
emission is given by a large number of elements, some of 
the more important being Li®, B“, N“, 0^®, Ne®®, 

psi, Mn®®, and Co®®, and the second type of re- 

action by Mg®^, SF, S®®, Ca®®, Cr®®, Fe®®, and many of 
the heavier elements. There are also a few examples of 
neutron capture and deuteron emission and also cases where 
a fast neutron appears to knock out another neutron with- 
out capture. Most of the resulting nuclei are radioactive, 
and the properties of these artificial radioactive isotopes 
have been summarked in Table IV. 

Since the neutron has approximately the same mass as the 
proton, elastic collisions with hydrogen atoms are very 
effective in reducing the speed of fast neutrons. About 
twenty collisions suffice to slow down (or cool off) the fast 
neutrons to the thermal energies of the hydrogen atom. 
Thus a few centimeters of water or paraffin at room tem- 
perature placed in the path of fast neutrons will slow them 
down from several million volts to an average energy of 
0.03 volt. These slow neutrons are readily captured by a 
large number of nuclei forming isotopes with a mass one 
unit greater. As an example, thermal neutrons are cap- 
tured by hydrogen, forming deuterium. The mean life of a 
neutron in paraffin is only 1.7 X 10“® sec. From the data 
in Table I it is evident that the capture by H® results in a 
decrease in mass and this energy is emitted in the form of 
7 -radiation. Among the more important cases of neutron 
capture are those by C®®, Na®®, Mg®®, AF, Si®“, Cl*, K®®, 
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Mn==, Cu" Ga*, As^«, Se*, Br* Cd*, In*, Sb*. P, 

Hfiso^ W*, Re*, Ir*, and Au*. Uranium also captures a neu- 
tron forming a ;8-emitting isotope. The product of this 
activity must be element 93, but. as yet it has not been iso- 
lated. However, the most extraordinary reaction of ura- 
nium and also thorium with neutrons is the so-called nuclear 
fission, in which the nucleus breaks into two more or less 
equal fragments. These fragments having atomic weights 
in the neighborhood of 100 to 140 are highly radioactive, 
giving off numerous beta-particles. The total energy 
emitted in the fission is around 200 million electron volts. 

20. Disintegration by y-radiation. — Gamma-radiation 
from ThC" has an energy of 2.6 m.e.v. and is capable of 
producing neutron emission from and Be®, the resulting 
isotopes being H' and Be®. Proton bombardment of Lr 
forming Be® produces a 17 m.e.v. y-ray. This radiation 
ejects neutrons from many atoms. 

21. Properties of Radioactive Isotopes. — The develop- 
ment of the cyclotron has made available radioactive iso- 
topes of many of the lighter elements. Since the Geiger 
counter detects the emission of single i8- or a-particles, a 
small amount of a radioactive isotope added to the stable 
isotope enables one to follow the course of the elements in 
chemical reactions. This application of the radioisotopes 
as indicators or “atom tags” has opened up extensive 
fields of investigation in almost every branch of chemistry. 
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TABLE IV 

Summary of Radioactive Isotopes 
Table prepared by Dr. G. T. Seaborg 

Notation. jS”, electron; positron; o:, alpha particle; 7 , gamma radiation; 
s, second; m, minute; h, hour; d, days; y, year; K, electron capture. Energy 
in m.e.v. 


Nucleus 

Radiation 

Half-life 

Energy of Particle 

iH3 

/3- 

ca 150 d. 

0.02 

aHe® 


0.8 s. 

3.7 

.Li» 

a 

0.88 s. 

12 (jS-) 

♦Be^ 

K.7 

43 d. 



/3- 

0.22 s. 

12 


i3+ 

20.5 m. 

1.15 

7 N 13 


9.93 m. 

0.92, 1.20 

7N1« 


8 s. 

6.0 


/3+ 

126 s. 

1.7 

sO” 

P- 

31 s. 




70s. 

2.1 

9 FI 8 


112 m. 

0.7 

aF^o 

p'-' 

12 s. 

5.0 

loNei® 


20.3 s. 

2.20 

ioNei« 


40 s. 


iiNa 2 * 


3.0 y. 

0.58 

iiNai*^ 

P~y 

14.8 h. 

1.4 

12Mg23 

13+ 

11.6 s. 

2.82 


fi~,y 

10.2 m. 

1.8 

isAl” 


7.0 s. 

2.99 

ieAl» 

|3-.7 

2.4 m. 

3.3 

isAl“ 

fi- 

6.7 m. 

2.5 

wSi»‘ 


170 m. 

1.8 


i8+ 

2.55 m. 

3.6 

uP»* 

/3- 

14.30 d. 

1.69 

i.S*» 


26 m. 



P- 

88 d. 

0.107 

17CP‘ 

/3+ 

33 m. 

2.5 

17C1*' 

/S-,7 

37 m. 

4.8 

isA** (?) 

)8- 

4 m. 


isA** 

/3- 7 

110 m. 

2.7 

asA^C?) 


1,1 h. 


7.K» 

)3+,7 

7.7 m. 

2.3 


(3- 

12.4 h. 

3.5 

i,K«- « 


18 m. 


soCa» (?) 


4.5 m. 


2 oCa“ 

P~,y 

2.5 h. 

2.3 

2 oCa« 

P~,y 

18.0 d. 

0.2, 0.9 

!iSc« 

P* 

13.4 d. 

1.4 

jiSc« 

(3+ 

4h. 

1.3 

jiSc« 

7 

52 h. 
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TABLE IV (Cant’d) 


Nucleus 

Radiation 

Half-life 

Energy of Particle 

2lSc« 


4h. 

1.6 

2iSc46 

/3- 7. K 

85 d. 

0.26 

21SC^^ 

7 

63 h. 

1.1 

jiSc« 

P~,y 

44 h. 

0.6, 1.3 

2iSc49 


57 m. 

1.8 

22Ti61 

fi-.y 

2.9 m. 


saTi'i 

/3-,7 

72 d. 

0.36 

2aV47 

K 

600 d. 


2aV^8 

|3^ K, 7 

16 d. 

1.0 

2sV^® 


33 m. 

1.9 

2»V=» 


3.7 h. 


28V“ 

0 - 

3.9 m. 


24Cr5i 

K,7 

27 d. 


asMnSi 

iS^ 

46 m. 

2.0 

26Mn52 


21 m. 

2.2 


|3+, 7. K 

6.5 d. 

0.7 

aaMn^^ 

K.7 

310 d. 



|8'. 7 

2.59 h. 

1.2 

seFe^a 


8.9 m. 

2.9 

26Fe»« 

K 

> ly. 


aeFe^s 

|8' 7 

47 d. 

0.4, 0.9 

27Co55 

fi*,y 

18.2 h. 

1.50 

S7C0« 

K,7 

240 d. 


27C0^« 

|3^ 

70 d. 


2700^^0 

|3' 7 

7y. 

0.16, 1.5 

27Co58> 60 

/3- 

11 m. 


28Ni57 


36 h. 

0.67 

28Ni63 

&~,y 

2.6 h. 

! 1.9 

asCu®®’ 


81 s. 

! 

agCuSS' 60 

)3^ 

7.9 m. 

I 

29Cu«^ 

|8+ 

3.4 h. 

0.9 

29Cu®2 

/3+ K 

10.5 m. 

2.8 

29Cu6^ 

/3-,^+ K 

12.8 h. 

0.57 03-), 0.66 ifi ^) 

29Cu86 

/3- 

5 m. 

2.9 

3oZn63 

/3^ 

38 m. 

2.3 

aoZnSs 

^nK,7 

250 d. 

0.4 (|9+) 

3oZn69 

7 

13.8 h. 


3oZn69 

,8- 

57 m. 

1.0 

siGa®^ 


48 m. 


aiGa^s 

K 

15 ra. 


8iGa66 


9.4 h. 

3.1 

3iGa87 

K,7 

83 h. 


8iGa88 


68 m. 

1.9 

aiGa’o 

^- 

20 ra. 

S;0 

siGa^^ 

/3-,7 

14 h. 

2.6 

saGe^fl 


29 ra. 


agGe^^ 


37 h. 

1.0 
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Nucleus 


32 Ge 69 * 31 

32 Ge 7 fi’ 77 
32 Ge 78 » 77 

ssAs’i’^^C?) 

ttAs'* 

jsAs” 

33AS” 

asAs^ 

,4Se’‘ 

34Se”’ 81 
34 Sei»' 81 
84 Se 88 
s^Se 

34 Se 

asBr™ 

33 Br 8 » 

35 Br 8 « 

35 Br 88 

asBr®! 

35BP81 

36 Br >88 

83 Br >88 

„Kri»' 81 

33 Kr 88 
, 8 Kr 88-87 
3 sKr 88 . 87 

»iKr(?) 

83 Kr 88 

37Rb88’81 

87 Rb 81 ’ 8 « 

S,Rb88 

37Rb88’ 88 

38 Sr 8 i 

88Sr8» 

88Sr>8“ 

38 Sr»» 

88 Sr’»« 

38 Sr>»« 

asSr>»« 

8 sY 88 

8.Y88 

8 .Y 

8 .Y»» 

89 Y 


TABLE IV (.Cant’d) 


Radiation 

Half-life 

Energy of Particle 


195 d. 

81 m. 


/ 3 - 

8 h. 


/ 3 - 

50 h. 


/ 3 + 

88 m. 

• 

0 + 

17 d. (r) 

1.2 03-), 0.9 03+) 

|3" t: 

26 h. 

1 . 1 , 1.7. 03-) 



0.7, (|3+) 

jS", T 

55 d. 


65 m. 


| 8 - 

48 d. 

57 m. 


18 - 

19 m. 


( 3 - 

30 m. 



sev. h. 
sev. d. 

6.4 m. 

2.3 

7 

4.4 h. 


fi'y 

18 m. 

2.0 

^.y 

34 hr. 

0.7 


140 m. 

1.05 

y 

40 m. 

22 h. 

3.8 h. 

18 h. 

112 m. 

.035 

P- 

74 m. 


0- 

4.5 h. 


) 3 - 

1-2 m. 

3h. 

1 


1.5 m. 



9.8 m. 


/3- 

18 m. 


&- 

18 d. 


y 

2.7 h. ! 


p- 

55 d. 

1.9 

(3- 

8-10 h. 
ca 20 d. 

> 20 d. 

7 m. 


/3- 

' 6 h. 



2.0 h. 

1.2 

/3- 

60 h. 

2.6 


70 h. 

1.3 

3.5 h. 

14 h., 80 h. 

80 d. 
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TABLE IV {Cont^d) 


Nucleus 

Radiation 

Half-life 

Energy of Particle 

4i>Zr«s 


70 h. 

1.0 

4oZr 

fi- 

17-40 h. 

1.25 

fflZr(?) 


10-30 m. 


«Zr(?) 

p- 

2.5-5 h. 


«Zr(?) 


90 m. 


4lCb 


4 m., 12 m. 




38 m., 21 h., 
96 h. 


«Cb»* 


11 d. 

1.0 

4lCb»^ 


7.5 m. 


42Mo<» (?) 

7h. 


*sMo”' “ 

r 

17 m. 

1.8 


0~,y 

67 h. 

1.5 

4jM0«» 


24 m. 

1.3 

4343* 

|3+ 

2.7 h. 


^ 34399 , 101 

7 

6.6 h. 


4343 

K 

90 d. 


4343 

K.7 

62 d. 


4843 

K(?),7 

llOh. 

0.6 

4343 


55 m. 

2.5 

4343 

&- 

36.5 h. 


4343 

j8- 

18 s. 1 


4s43 

K 

2d. 


4tRu0^ 




44Ru1'» 


4h. 


44Ru>«‘ 

13- 



44 RU (?) 

13- 

39 h. 


44 RU (?) 


11 d. 


44 RU (?) 


90 m. 


44Rhl« 

y 

4.2 m. 


44Rh«< 

P- 

44 s. 

2.25 

46Rh'«' 

fi- 

46 d. 

4tRh 


3h. 


46Rh 


10.7 h. 


45Rh 


3d. 


„Pdiw, 10« 


13 h. 

1.03 

4,Pd“‘ 

P- 

73 m. 

4jAgW“ 


17 m. 


47Ag«‘ (?) 

K 

45 d. 


47Ag«» 

/3+ 

24.5 m. 

2.04 

4,Agl« 

K,7 

8.2 d. 

1.2 

47Ag'<» 

18 - 

2.3 m. 

2.8 

47Agl« 

i3-,r 

22 s. 

2.8 

47Agl08, 110 

j 8 - 

225 d. 

47Agl“ 

/^ 

7.5 d. 


47J^“* 

P~,y 

3.2 h. 

2.2 


K, 7 

6.7 h. 
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TABLE IV {Cont'd) 


Nucleus 

Radiation 

Half-life 

Energy of Particle 

48Cdio9 

/8+ 



48Cd“5 

^,y 


1.11 

48Cdii7 

P- 



48Cd 

7 



49lniio 

/3+ 

65 m. 

1.6 

49ln“® 

P*,y 

20 m. 

2.15 

49lnii2 

/?" 

72 s. 


49lnll2 

P',y 

2.7 d. 

1.73 

49lnii3 

y 

105 m. 


49lnii^ 

p-.y 

48 d. 

1.75 

49lnii6 

7 

4.1 h. 


49lnii« 

p- 

13 s. 

2.8 

49lnii8 

p-,y 

54 m. 

0.85 

49lnii7 

p-,y 

2.1 h. 

1.73 

BoSniis 

K,y 

100 d. 


MSn<i“ 

p- 

40 m. 



p- 

26 h. 


KSn<i“ 

p- 

10 d. 


toSn<‘“ 


400 d. 


6oSni2« 

p- 

9 m. 



p- 

25 m. 



p- 

3h. 


joSn<“» 

pr 

13 d. 


6iSb 

P~ 

3.5 m. 


.iSb“» 

P* 

17 m. 

1.53 

6iSb‘« 

pr 

2.8 d. 

1.64 

jiSb“* 

P- 

60 d. 

1.8 

.iSb<i“ 

P- 

3 h. 


HSb<i“ 


ca 45 d. 


6iSb<'“ 


ca 2 y. 


5iSb»» 

P- 

80 h. 


5iSbi2> 

P~ 

: 4.2 h. 


5iSb“'- “> 

P* 

5 m. 


6iSb<“» 

P- 

< 10 m. 


6iSb<‘” 

P- 

5 m. 


«2Te>« 

K 

120 d. 



7 

90 d. 


sjTe*" 

P- 

10 h. 


6sTe“» 


30 d. 


t2Te“» 

P- 

70 m. 


t2Tei« 


30 h. 


22Te“> 

P- 

25 m. 


t2Te>“i 

P- 

43 m. 


s2Te>«i 

P- 

60 m. 


i2Te>«i 

P- 

77 h. 


«2P“ 

P* 

4.0 d. 



P~,y 

13.0 d. 

1.1 
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TABLE IV (.Cant’d) 


Nucleus 

Radiation 

Half-life 

Energy of Particle 


(3- 7 

25 m. 

1.2, 2.1 


P~,y 

12.6 h. 

0,83 


fi-,y 


0.69 

mP“> 

0- 

2.4 h. 




54 m. 




22 h. 


54Xe«» 


< 0.5 m. 


.4Xe>“« 


ca 15 m. 


54Xe 


4.5 d. 


«Xe 


9h. 


mCs“* 


1.5 h. 


«Cs«< 


ca 1 y. 


66CS«» 

/3- 

6 m. 


mCs>“» 

|3- 

33 m. 


MBa“* 

/3- 

86 m. 


»Ba (?) 


3 m. 


MBa>“» 

/3- 

300 h. 


«Ba>“« 

/3- 

14 m. 


MBa>«» 


< 1 m. 


«La‘» (?) 


2.2 h. 




31 h. 

0.8 

«La>«« 

|8- 

ca 2.5 h. 


jrLa>“» 

/3- 

< 30 m. 


BLa>“® 

P- 

36 h. 


.8Ce“« (?) 

/3^ 

2.1 m. 




15 d. 

0.12 

^Prl40. 142 


3.5 m. 


68Pri« 

|3- 

18.7 h. 



/3- 

84 h. 


«)Ndi« 


2.0 h. 


eoNd^fii 

P- 

21 m. 


«i61 (?) 

(3- 

12.5 h. 


e2Sni 

/3- 

1 21 m. 


«2Sm 

)3- 

46 h. 

• 

«Eui52* 164 

/3-,7 

9.2 h. 

1.88 


/3+ 

^ 27 h. 


^3Eu162, 154 

j3-,7 

ca 1.2 y. 

0.8 

wGdis®' 151 


! 8h. 


fisTbiso 


3.9 h. 


56Dyl66 

<3- 

2.5 h. 

1.9 

«Dy (?) 

/3+ 

2.2 m. 


.7Ho“‘ (?) 

/3- 

47 m. 


pHo^" 

P- 

35 h. 

1.6 

«8Er«» (?) 

/3+ 

1 1.1 m. 




* 7 m. 


raEr""’ wi 


12 h. 


mTih”" 


105 d. 
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TABLE IV {Cont*d) 


Nucleus 

Radiation 

Half-life 

Energy of Particle 



3.5 h. 




4h. 


7iLu1»^ 


6d. 




SS d. 


TsTaiso 


14-21 m. 


73Ta“» 


8.2 h. 

<0.5 

73Ta““ 

/3- 

97 d. 


,3W“'' 


23 h. 


76Re^«® 

/3- 

90 h. 

1.2 

73Rei“ 

r 

18 h. 

2.5 

,eOsi“’ 193 


40 h. 


„Irl9S. 191 

(3- 

1.5 m. 


77 lrl 92 . 191 

/3- 

19 h. 

2.2 

„Irl92, 191 

0- 

60 d. 


TsPt^" 

0- 

18 h. 


isPt^" 

0- 

3.3 d. 


78Ptl»® 

0~ 

31 m. 


79Au^®® 

0- 

13 h. 


79Au1»« 

0- 

4-5 d. 


79Au1«8 

0~,y 

2.7 d. 

0.8 

79Au1»» 

0- 

3.3 d. 


soHgi®^ 

K,y 

43 m. 

<0.4 

8oHg203- 206 


25 h. 


81 T 1200 (?) 


4 m. 


sxTPoo (?) 


3.8 h. 


81 TI 204 . 206 

0- 

4 m. 


8iT12»^’ 206 

0- 

97 m. 


8lPb«" 

0- 

3.0 h. 


8lPb206 


80 m. 


siBi^io 

0- 

5d. 


81 P 02 IO 

a 

136 d. 


8iUY231 

0 - 

24.5 h. 


8lTh233 


26 m. 


8iPa203 (?) 

0 - 

25 d. 


8iU239 

0 - 

23 m. 








Glossary 


Acid. — A substance which gives hydrogen ion in solution, or 
which neutralizes bases yielding water. In general, an acid 
is a molecule with a positive field which is capable of neu- 
tralizing a basic molecule having a ‘‘free’* electron pair. 

Activity. — Cf. Appendix IV. 

Allotropy. — The property shown by certain elements of being 
capable of existence in more than one form, due to differ- 
ences in the] arrangement of atoms or molecules. (See 
Monotropic and Enantiotropic.) 

Alpha-particles. — Doubly charged helium atoms shot off during 
one type of radioactive change. 

Ampere. — Unit of electric current strength; one coulomb per 
second; the international ampere is the current which 
deposits 0.0011180 g. of silver per second. 

Angstrom unit. — lO”^® meters; 10"® cm. 

Angular momentum. — Product of the angular velocity and 
moment of inertia. The latter is analogous to the mass in 
simple translation. Unit expressed in g. cm.^/sec. 

Anhydride (of acid or base). — ^An oxide which when combined 
with water gives an acid or base. 

Anode. — The electrode at which oxidation occurs. 

Atmosphere. — Unit of pressure. Defined as pressure exerted by 
a column of mercury 76 cm. high; 1.01325 X 10® dynes 
per cm.2; 14.7 lb. per sq. inch. 

Atom. — T he unit particle of an element. A nucleus of definite 
integral positive charge surrounded by electrons. 

Atomic number. — ^The net positive charge on the nucleus of an 
atom; the ordinal number of an atom in the periodic 
system. 

Atomic weight. — Weight of an atom referred to the oxygen 
atom as 16.000. 

Avogadro’s number. — ^T he number of molecules in a mole; 
6.061 X 1023. 
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GLOSSARY 


Avogadro's rule. — Equal volumes of all gases, at the same tem- 
perature and pressure, contain the same number of mole- 
cules (approximately). 

Bar. — Unit of pressure; = 10® dyne cm.^; one atmosphere 
= 1.013 bar. 

Base. — substance which gives hydroxide ion in solution, or 
which neutralizes acids, yielding water. 

Base element. — ^An easily oxidized element, as opposed to a 
noble element. 

Boiling point. — The temperature at which the vapor pressure of 
a liquid reaches standard atmospheric pressure. 

British thermal unit (BTU). — Heat required to raise 1 lb. of 
water 1° F. 

Calorie. — Unit of energy. Small calorie (denoted by cal.) is 
heat required to raise 1 g. of water 1° C. kcal. = 1000 
cal. Value varies with temperature. 1 cal. (15® C.) = 4.183 
joules. 

Catalyst. — ^A substance which by its presence alters the rate of 
a reaction and itself remains unchanged at the end of the 
reaction. 

Cathode. — ^The electrode at which reduction occurs. 

Cathode rays. — ^A stream of electrons. 

Centigrade (C.). — ^Temperature scale in which freezing point of 
water is called 0® and boiling point 100®. 

Chemiluminescence. — Emission of light during a chemical 
reaction. 

Colloid. — ^A phase dispersed to such a degree that the surface 
forces become an important factor in determining its 
properties. 

Component. — One of the minimum number of substances re- 
quired to state the composition of all phases of a sys- 
tem. 

Concentration. — ^The amount of a substance in weight, moles, 
or equivalents contained in unit volume. 

Conductance. — Recriprocal of resistai^ce. C = C .4 /L, where 
A is cross section, L, length, and C, specific conductance. 

Coordination number of an atom. — ^The number of atoms, 
molecules, or radicals which are held about a central atom in 
relatively stable positions. 

Coulomb. — The quantity of electricity transferred in one second 
by a current of one ampere; a coulomb can deposit 
0.0011180 g. of silver. 
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Covalent bond. — ^The term frequently applied to an electron 
pair bond. 

Critical pressure. — The pressure exerted by a system at its 
critical temperature. 

Critical temperature. — The highest temperature at which a 
liquid and its vapor may coexist as distinct phases. 

Critical volume. — The volume of unit mass at the critical 
temperature and pressure. 

Curie. — The amount of radon which can exist in a steady state, 
“equilibrium/’ with 1 g. of radium. 

Decomposition voltage. — Cf. Appendix I. 

Degree of freedom. — ^The number of the variables determining 
the state of a system (usually pressure, temperature, and 
concentrations of the components) to which arbitrary 
values can be assigned. 

Degree of ionization. — Cf. Appendix III. 

Deliquescent. — The term applied to a salt which absorbs mois- 
ture from the atmosphere. 

Density (volume-density). — The mass per unit volume: g. per 
cc. 

Deuteron. — ^The nucleus of the deuterium atom. 

Diamagnetic. — ^An object of diamagnetic material will set the 
longest dimension at a right angle to the magnetic field. 
When a diamagnetic substance is placed in a magnetic 
field, the lines of force are spread out. (See Paramagnetic.) 

Dielectric constant. — The force between two point charges 
(e, t) separated by the distance r in a uniform medium is 
/ = eelkr^ where k is called the dielectric constant. ~ 

Diffusion law. — The rates of diffusion of two gases are inversely 
proportional to the square roots of the densities of the 
gases. 

Distribution law. — ^A substance distributes itself between two 
immiscible solvents so that the ratio of its concentrations 
in the two solvents is approximately a constant (and equal 
to the ratio of the solubilities of the substance in each 
solvent). Requires modification if more than one molecular 
species is formed. 

Dyne. — Unit of force. The force which will impart to a mass of 
1 g. an acceleration of 1 cm. per sec.^; 1 g- = 980 dynes. 

Electromotive force. — See Potential. 

Electron. — ^The unit charge or atom of negative electricity; 
4.774 X 10""^*^ electrostatic units. 
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Electron affinity. — ^The energy of attachment of an additional 
electron to a neutral atom. 

Electropositive element. — ^An element that is readily oxidized, 
i.e., forms compounds of positive valence number, syn — 
base element. 

Element. — A substance composed entirely of atoms of the same 
atomic number. 

Enantiotropic. — Crystal forms capable of existing in reversible 
equilibrium with each other. 

Energy. — ^Work, or the capacity for doing work. 

Entropy. — A measure of the irreversibility of a process; multi- 
plied by the absolute temperature it is the energy required 
to restore a system which has changed from state A to B 
to its original state. The property is extensive; for all pure 
crystals it is zero at the absolute zero. 

Equilibrium, chemical. — A state of affairs in which a chemical 
reaction and its reverse reaction are taking place at equal 
velocities, so that the concentrations of reacting substances 
remain constant. 

Equivalent (g. equivalent weight). — (1) Acid or base: the 
amount (weight) of substance necessary to give one mole 
of hydrogen or hydroxyl, respectively, in a neutralization 
reaction; (2) oxidizing or reducing agent; a mole of sub- 
stance divided by the number of electrons in the half re- 
action for the reduction of oxidation considered. 

Equilibrium constant. — ^The product of the concentrations (or 
activities) of the substances produced at equilibrium in a 
chemical reaction divided by the product of concentrations of 
the reacting substances, each concentration raised to that 
power which is the coefficient of the substance in the chemi- 
cal equation. 

Erg. — ^W ork done by a force of 1 dyne acting through a distance 
of one cm. 

Eutectic. — The term applied to a minimum in the freezing 
point-composition curve of a system. 

Fahrenheit. — ^Temperature scale in which 32° denotes the freez- 
ing point and 212° the boiling point of water. 

Farad. — Capacity of a condenser which is charged to a potential 
of 1 volt by 1 coulomb. 

Faraday. — 96,500 coulombs; the charge of 1 mole (6.06 X 10^®) 
of electrons; the amount of electricity required to precipitate 
one mole of a singly charged ion. 
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Fluorescence. — The emission of light (other than reflected 
light) by a substance under illumination. 

Flux. — In metallurgy, a substance which will unite with some 
of the reaction products to form an easily fusible magma. 

Force. — That which is capable of imparting acceleration to a 
mass. 

Free energy. — Cf. Appendix III. 

Gamma-ray. — very high frequency light wave originating in 
the nucleus of an atom. 

Gas. — A state of matter in which a given mass of a substance 
has neither definite size nor shape. 

Gas constant. — ^The constant of the ideal gas equation relating 
volume, pressure, temperature, and mass (number of moles). 
PF = NRT. R = 8.315 X 10^ ergs per degree per mole; 
0.08206 liter atmos. per degree per mole; 1.9869 cal. (15°) per 
degree per mole. 

Gram. — h unit of mass (or weight). The mass (approximately) of 
1 cc. of water at 4° C. 

Gram atom. — K mass in grams numerically equal to the atomic 
weight. 

Gram molecule. — ^See Mole. A mass in grams numerically equal 
to the molecular weight of the substance in question. 

Heat. — A form of energy. 

Humidity. — ^The amount of water vapor per unit volume of gas. 
Relative humidity is the ratio of the actual partial pressure 
of water vapor to the equilibrium pressure, water (liquid) to 
water vapor, at the same temperature. 

Hydrated oxide. — An oxide which precipitates as a definite 
compound with water. 

Hydrolysis. — h reaction involving the splitting of water into its 
ions, and the formation of a weak acid or base or both. 

Hydrous oxide. — ^An oxide which precipitates with an indefinite 
amount of adsorbed water. 

Ion. — A charged atom or chemical radical. 

Ionization potential. — ^T he potential required to transfer an 
electron from its normal quantum level to infinity. 

Isomerism. — Existence of molecules having the same number and 
kinds of atoms but in different configurations. 

Isotopes. — The term applied to atomic species having the same 
atomic number but different nuclear structure, as indicated 
by different atomic weight or different type of radioac- 
tivity. 
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Join-E. — Unit of energy = 10^ ergs; work done per second in 
forcing 1 ampere through a resistance of 1 ohm. 

Joule-Thomson effect. — ^T he temperature change in a gas 
when it expands without doing external work. 

Kelvin. — Name applied to absolute-centigrade or thermody- 
namic temperature scale. 

Kernel. — ^The atomic nucleus plus all of the electrons except 
those in the valence shell. 

Kilo. — P refix denoting 1000. 

Latent heat. — ^The heat absorbed or evolved in an isothermal 
reversible process such as melting or vaporization. 

Lattice energy. — The energy required to separate the ions of a 
crystal to an infinite distance from each other. 

Liter. — A unit of volume, 1000 cc. 

Loschmidt’s number. — Equivalent to Avogadro’s number. 

Mass. — Quantity of matter. Determined as the resistance offered 
by an object to a change of its motion, i.e., inertia. 

Mass law. — ^See Equilibrium Constant. 

Mega. — Prefix meaning 1,000,000. 

Melting point. — The temperature at which a solid is in equilib- 
rium with its liquid form (varies with pressure). 

Metal. — A substance possessing so-called metallic properties, 
i.e., electric conductivity, heat conductivity, high reflectivity, 
luster, etc., properties due to the high degree of freedom pos- 
sessed by electrons of the substance. 

Mho. — One reciprocal ohm. 

Micro. — Prefix denoting lO""®. 

Micron. — ( fx ) Unit of length = lO'® meters = 10”® mm. 

Milli. — Prefe denoting 10“®. 

Mole. — The weight of a substance in grams, numerically equal 
to its molecular weight; a "‘gram-molecule.” 

Molecular volume. — ^Volume occupied by one mole. 22.4115 1. 
at 0^ C. and 1 atm. 

Molecular weight. — The sum of the atomic weights of all the 
atoms of the molecule. 

Molecule. — The smallest physical unit of a substance. 

Moment of force. — The moment about a point == force X per- 
pendicular distance from point to line of force. 

Moment of inertia. — ^The sum of the products of each element 
of mass times the square of its distance from its axis of ro- 
tation. 

Momentum. — The product of mass times velocity. 




GLOSSARY 


467 


Monotropic. — Crystal forms one of which is always metastable 
with respect to the other. 

Neutrino. — The particle whose existence is postulated to ac- 
count for the apparent non-conservation of energy in /3-radi- 
ation. 

Neutron. — ^The elementary particles of atomic weight 1.009 and 
zero change. 

Normal solution. — One having a concentration of 1 equivalent 
per liter. 

Nucleus. — The positively charged center of the atom. The 
atom minus the orbital electrons. 

Octet. — ^The term applied to a group of eight electrons in the 
outer atomic shell. 

Ohm. — Unit of electrical resistance. The resistance of a uniform 
column of mercury at 0° C. which has a mass of 14.4521 g. 
and a length of 106.300 cm. 

Ohm-centimeter. — Unit of volume resistivity. A resistance of 
one ohm across a centimeter cube. 

Overvoltage. — Cf. Appendix I. 

Oxidation. — ^An increase in the oxidation state number of an 
element; the loss of electrons by an atom or group of atoms. 

Oxidation state or number. — ^The charge on a simple ion or for 
a complex ion or molecule: the charge which is assumed on 
an atom to account for the number of electrons involved 
in the oxidation (or reduction) of the atom to the free ele- 
ment. 

Paramagnetic. — ^An object of paramagnetic material will set the 
longest dimension parallel to magnetic field, and the lines of 
magnetic force will converge toward it. 

Passive. — The term applied to the condition produced by treat- 
ing certain metals with powerful oxidizing agents whereby 
the metal is rendered in effect more electronegative, e.g., iron 
treated with fuming nitric acid is rendered passive, and in 
this condition is not oxidized by silver nitrate solution as is 
non-passive iron. 

Phase. — ^A ll of the homogeneous regions of a system which are of 
the same kind. 

Phase rule. — In a system at equilibrium, the number of phases 
plus the number of degrees of freedom equals the number of 
components plus two. 

Phosphorescence. — Remission of light after previous illumi- 
nation. 
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Photoelectric effect. — ^The emission of electrons under the 
action of light. 

Photon. — ‘"particle” of radiant energy. (E = hv), 

Planck's constant. — ^The constant relating the energy and fre- 
quency of radiation. E — hv, h = 6.554 X 10""^ erg. sec. 

Polarization (electrical). — Refers to a distribution of electrical 
charges that gives rise to an external electric field. 

Polarization (light). — Light is said to be polarized which ex- 
hibits different properties in different directions at right an- 
gles to the line of propagation. 

Polymorphism. — ^The ability to exist in two or more crystalline 
forms. 

Positron. — ^The positive counterpart of the negative electron. 

Potential (electric, gravitational, etc., at a point in a field). — 
The work required to move a unit quantity (electron, gram, 
etc.) from the standard position, or position of reference, to 
the point in question. 

Power. — ^The timerate of doing work, e.g., ergs per second. 

Pressure. — Normal force per unit area. 

Proton. — ^The unit charge or atom of positive electricity; the 
nucleus of the hydrogen isotope of mass number one. 

Quantum number. — One of the integers defining the energy of 
an atom. 

Radioactivity. — Changes involving the partial disintegration 
of the atomic nucleus. Cf. Chapter XXJI. 

Reduction. — ^The opposite of oxidation; decrease in positive 
oxidation number ; gain in number of electrons by an atom or 
group of atoms. 

Refractive index.— The ratio of the sine of the angle of inci- 
dence of a beam of light from a vacuum upon a substance 
to the sine of the angle of refraction, n = sin i/sin r. It 
is also the ratio of velocity of light in vacuum to that in the 
medium. 

Replacement series. — ^The arrangement of the metals in order 
of the values of their oxidation potentials. 

Resistance (electrical) R , — Defined as the quotient of the po- 
tential Ej between two surfaces, divided by the resulting cur- 
rent I, flowing from one to the other, as defined by Ohm's 
law, R = £/J. 

Rydberg's constant. — fundamental constant appearing in 
the expression relating the terms of the hydrogen spectrum. 

Solubility, The amount of solute (expressed in grams, moles, 
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etc.) present in a given amount (grams, moles, volume, etc.) 
of solvent or of solution. 

Solubility product. — The equilibrium constant for the solution 
of a solid strong electrolyte, e.g. for CU 2 S, K = (Cu+)2 

X (s—). 

Solute. — That constituent of a solution which is considered to be 
dissolved in the other, the solvent. The solvent is usually 
present in larger amount than the solute. 

Solution. — A homogeneous mixture, the proportion of whose 
constituents may be varied within certain limits. Solutions 
may be either liquid, solid, or gaseous. 

Solvent. — ^That constituent of a solution which is present in 
larger amount; or, the constituent which is liquid in the pure 
state, in the case of solutions of solids or gases in liquids. 

Specific gravity. — The ratio of the mass of a certain volume of 
a substance to the mass of the same volume of a reference 
substance, generally water, for solids and liquids, and air for 
gases. The reference substance is at a specified temperature. 

Specific heat. — The heat required to raise a unit mass (1 g.) of a 
substance 1 degree. 

Specific volume. — The volume of 1 gram of a substance. 

Spectrum. — Light resolved into its component frequencies, as by 
a prism or diffraction grating. 

Standard conditions (of a gas). — 0° C. and one atmosphere, or 
760 mm. pressure. 

Standard potential. — Cf. Appendix I. 

Stephan's constant, — ^The constant relating total black body 
radiation and the absolute temperature. J ~ <xT^ . <r = 5.709 
X 10”® erg per cm.^ per sec. per deg.^ 

Stoichiometric. — Pertaining to weight relations in chemical 
reactions. 

Surface tension. — ^The contractive force of a surface measured 
along unit length of its edge, usually expressed in dynes 
per cm. ; this is numerically equal to the work done in extend- 
ing the surface 1 cm.^, in ergs per cm.^ 

System. — ^An isolated group of substances. 

Temperature. — The condition which determines whether heat 
will flow to or from one body to another. See also Absolute, 
Centigrade. 

Thermoelectric force. — ^The potential between the junctions 
of two metal wires which arises when the two junctions are 
at different temperatures. 
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Triple point (in one component system). — Temperature and 
pressure at which three phases are in equilibrium, usually 
refers to liquid-solid-gas systems. 

Valence. — The number of electron pair bonds which an atom 
shares with other atoms. In inorganic chemistry the term 
is often used to mean oxidation state (cf. above). 

Van der Waals* equation. — ^An equation relating the volume, 
pressure, and temperature of an imperfect gas in terms of 
two empirical constants. (P + ajv'^) {v — h) == RT. 

Viscosity. — The internal friction of a fluid; the reciprocal of 
fluidity. 

Volt. — ^The potential difference required to produce a current 
of one ampere through a resistance of one ohm. 

Watt. — Unit of power, 'work performed at the rate of one joule 
per second. 

Wave length (of light). — Distance between consecutive cor- 
responding points in the light 'wave. Expressed in units of 
length, Angstrom, microns, etc. Sodium yellow line == 5890 
A = 589 X = 0.589 m- 

X-RAYS. — High frequency light waves originating from the elec- 
trons of the kernel. 
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SUMMARY OF FUNDAMENTAL CONCEPTS 
RELATING TO ELECTROLYTIC OXIDATION 
AND REDUCTION 


(1) An electric current is carried through a solution of an elec- 
trolyte by the motion of its ions; the positive ions moving toward 
the cathode and the negative ions toward the anode. The current 
carried by each species of ion is proportional to its concentration 
and velocity. 

(2) Electricity is transferred from the electrolyte to the elec- 
trodes through the mechanism of electrode reactions, also called 
*‘half reactions,” which always involve the liberation of elec- 
trons at the anode and the using up of electrons at the cathode. 
The substances entering into either electrode reaction may be 
positive ions, negative ions, or neutral molecules. 

(3) The sum of the two electrode reactions is the cell reaction. 
If this reaction takes place spontaneously, we have a battery or 
electric cell capable of doing external work. If this reaction is not 
spontaneous, an external electromotive force must be used to 
force electricity through the cell and the process is called elec- 
trolysis. 

(4) Faraday Laws. — ^The extent of the electrode reactions is 
proportional to the total current that passes, and the passage of 
one Faraday (96,500 coulombs) of electricity causes the electrode 
reaction to proceed to such an extent that one equivalent of each 
substance involved in the cell reaction is used up or produced. 

(5) At the cathode that reduction process occurs which has the 
highest oxidation potential; and at the anode that oxidation 
process occurs which has the highest reduction potential, with the 
exception that the speed of a given electrode reaction may be so 
slow that a reaction requiring a larger amount of free energy may 
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‘take piace first. Use may be made of a table of oxidation-reduc- 
tion potentials, Appendix II, in order to predict the reaction that 
should theoretically take place at each electrode. 

The potential of the cell reaction is the difference in potential 
of the two half reactions, e.g., 

Zn = Zn-H- + 0.7620 volt 

2Ag = 2Ag+ + 2e- - 0.7995 volt 


Zn + 2Ag+ = Zn-^ + 2Ag 1.5615 volts 

(6) The standard potential values are based upon measure- 
ments with very small currents. In general, if a solution is being 
electrolyzed with appreciable current, the potential required is 
greater than the reversible electrode potentials, due to irreversible 
changes taking place. 

-Eelectrolysis ^ -So(reversible) ”1“ -Eirreversible 

The irreversible potential required is known as overvoltage and 
may be traced to three general causes; 

First. The potential necessary to overcome the resistance of the 
solution. 

Second. If a large current is flowing, the resistance of the elec- 
trolyte may increase very markedly, due to the rapidity with 
which the ions are being used up in the immediate vicinity of the 


TABLE I 


Overvoltages, in Volts, of Hydrogen, Oxygen, and Chlorine 
AT 25*^ C. 

Current Densities in Amperes per cm.^ 


Nature of 
Electrode 

Hj IN 1 M 
H 1 SO 4 

HsinIM 

NaOH 

O 2 IN 1 M 
NaOH 

O 2 IN 1 

M H 2 SO 1 

CI 2 IN 
NaCl 

Current Density 

0.001 0.01 0.1 1.0 

Current 
Density I 
0.01 1 

1 

Current 
Density 
0.010.1 1.0 

Current 

Density 

0.1 

Current 
Density 
0.01 0.1 

Pt (smooth) 

0.07 0.28 0.68 


0.85 1.28 1.49 


0.03 0.05 

Pt (black) 

0-003 0.03 0.04 O.OS 


0.52 0.64 0.77 


0.02 0.03 

Au 

0.12 0.39 0.59 0.80 


0.96 1.24 1.63 



Cu 

0.35 0.S8 0.80 1.25 

0.91 

0.58 0.66 0.79 



Ag 

0.30 0.76 0.87 1.08 

0.61 

0.73 0.98 1.13 



A1 

0.50 0.83 1.00 1.29 





Sn 

0.40 1.08 1-22 1.23 





Zn 

0.75 1,06 1.23 





Pb 

1.09 1.18 1.26 





Fe 

0.22 0.56 0.81 1.29 

0.54 

0.55 



Hg 

0.6 1.04 1.06 1.12 





C (graphite) 

0.31 0.78 0.98 1.22 


0.90 1.09 1.24 


0.25 
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electrodes. This effect is sometimes known as concentration 
polarization. 

Third. Many of the electrode reactions are slow, and in order 
to get them to go with the speed required by large currents, 
additional potential or driving force must be used. This is es- 
pecially true of gas reactions. These overvoltages depend not 
only upon the current density but also upon the nature of the 
electrode, as is indicated by the experimental results given in 
Table I. Overvoltage decreases with increasing temperature. 

TABLE II 

Overvoltages of Metal Ions, Volts 


Fe in Fe"*"** 

' 0.129 

0.141 

0.3 

Cu in Cu"*"*" 

0.011 

0.013 

0.02 

Ag in Ag+ 



0.00 

Zn in 



0.02 

Ni in Ni++ 



0.8 



Current Density, I/cm.* 
0.0001 0.002 0.1 


Electrode 






Appendix II 


STANDARD OXIDATION-REDUCTION 
POTENTIALS 


Values, in Volts, Referred to the Hydrogen-Hydrogen Ion 
Couple as Zero, Are for Unit Activities and 
Temperature of 25° C. 


(Cf. notes at end of table) 
Acid Solutions 


Couple 

JS° 

Couple 


Li ss Li’*' + e~ 

3.02 

Cl- 4 Tl = TlCl 4 e- 

0.557 

Cs = Cs"^ “{- 6” 

3.02 

AsHs - As 4 3H+ 


Rb = Rb+ + 

2.99 

4 35 — 

0.54 

K - K^- -h e- 

2.922 

Ga = Ga”''^'^ 4 35“ 

0.52 

Ba = Ba*^*** +• 2«“ 

2.90 

H2C204(aq) « 2C02(g) 


Sr = Sr++ + 2e- 

2.89 

4 2H+ 4 25- 

0.49 

Ca = Ca++ -h 2e- 

2.87 

Fe = Fe+'^ 4 2e~ 

0.440 

Na = Na"** e"" 

2.712 

Hs = 2H+(10-'10 


La = La+++ + 3e"" 

2.37 

4 25 — 

0.414 

Mg = ]VIg++ -h 2e'- 

2.34 

Cr-H- = Cr+++ 4 e- 

0.41 

H- = iHa + e- 

2.33 

Cd = Cd+++ 4 25- 

0.4020 

Ti - Ti++ + 

1.75 

SOr- + Pb = PbS04 


Be = Be++ + 2e- 

1.70 

4 25 — 

0.355 

A1 - A1+++ -h 3^- 

1.67 

Tl = T1+ 4 e- 

0.3363 

Mn = lVIn++ + 2e~ 

1.05 

2 H 2 O 4 P “ HsPOa 


2 H 2 O + Si = SiOa 


4H+4e- 

*0.29 

4- 4H+ 4- 45- 

0.84 

Co = Co'^'*" 4 25“ 

0.277 

Zn = Zn++ 4* 25*" 

0.7620 

2C1- 4 Pb « PbCla 


3 H 2 O 4- B « H 3 BO 3 


4 25 — 

0.268 

4- 3H+ 4 35- 

0.73 

Ni = Ni++ 4 25 - 

0.250 

5 H 2 O 4 2Ta - TasOs 


V++ V+++ 4 e- 

0.20 

4 lOH- 4 IO 5 - 

0.71 

H 2 O 4 H 3 PO 3 = H 3 PO 4 


Cr = Cr+++ 4 35 - 

0.71 

4 2H+ 4 25- 

0.20 

H 2 Te(aq) = Te 


I 4 Cu = Cul 4 

0.187 

4 2H+ 4 25- 

0.69 

1“ 4 Ag = Agl -f 5 - 

0.151 

H 2 O 4 H 3 PO 2 


HCOOH(aq) - COaCg) 


= H 3 PO 3 4 2 H'^ 


4 2H+ 4 25- 

0.14 

425 - 

0.59 

Sn = Sn'*’'^ 4 ler 

0.136 


AlA 
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Acid Solutions (Cont’d) 


Couple 


Couple 

jgO 

Pb = Pb++ + 2e- 

0.126 

Fe(CN)6"^ - Fe- 


21“ “i“ 2Hg = Hg2l2 


(CN). + e- 

- 0.36 

+ 2e“ 

0.0405 

3 H 2 O 4 S 203 “ 


41“ + Hg = Hgir 


= 2 H 2 SO 3 4 2H+ 


+ 2e- 

0.04 

4 46“ 

- 0.40 

PHaCg) = P + 3H+ 


3 H 2 O + S = HjSOs 


+ 3e- 

0.04 

4 4H+ 4 46- 

- 0.45 

Fe = Fe+++ -f 3e“ 

0.036 

1“ 4 Au = Aul 4 

- 0.50 

Ha - 2H+ + 2e- 

0.000 

Cu = Cu+ 4 e~ 

- 0.522 

2 S 2 O 8 + Ag = Ag- 


2 H 2 O 4 Te = TeOaCs) 


( 8203)2 + 

-0.01 

+ 4H+ + 4e- 

- 0.529 

Br“ 4- Cu =* CuBr 


21“ = I 2 4 26“ 

- 0.5345 

+ 

- 0.033 

31“ == 13—4 26“ 

- 0.5355 

Br“ 4 Ag = AgBr 


2 H 2 O 4 HAs04 4 2H+ 


4 

- 0.073 

4 26“ 

- 0.559 

HsO + Ti+++ = TiO++ 


2 H 2 O 4 Te - Te02H+ 


4 2H+ 4 

ca — 0.1 

4 3H+ 4 46“ 

- 0.559 

Cl- + Cu = CuCl + 

- 0.124 

CuCl - Cu++ 4 Cl“ 


2Br- + 2Hg = HgaBra 


4 

- 0.566 

4 2^“ 

- 0.1397 

SOr“ 4 2Hg 


H 2 S - S 4 2H+ 4 2e“ 

- 0.141 

= Hg2S04 4 26“ 

- 0.6151 

4 H 2 O 4 Rc = Re04”' 


2Br“ 4 PtBr4 


4 8H+ 4 

-0.15 

= PtBre 4 26“ 

- 0.63 

Sn++ = Sn+^ 4 2e“ 

-0.15 

4C1- 4 Pd = PdCU— 


4C1- 4 Bi = BiClr 


4 26“ 

- 0.64 

4 3e“ 

-0.16 

3 H 2 O 4 2SbO+ 


Cu+ - Cu++ 4 

- 0.167 

- SbaOe 4 6H+ 


2C1“ 4 Cu = CuCh-- 


4 46“ 

-0.64 

4 

-0.19 

S04-“ 4 2Ag - Ag2S04 


H 2 O 4 H 2 SOS = SO 4 -- 


4 26“ 

- 0.653 

4 4H+ 4 2e- 

-0.20 

CuBr - Cu++ 4 Br“ 


4Br“ 4 Hg — HgBr4 


4 

- 0.657 

4 26“ 

-0.21 

2 H 2 O 4 2SbO+ 


Sb 4 H 2 O - SbO+ 


= Sb204 4 4H+ 


4 2H+ 4 36“ 

- 0.212 

4 26“ 

-0.68 

Cl“ 4 Ag = AgCl 4 

- 0.2222 

H 2 O 2 = O 2 4 2H+ 


2 H 2 O 4 As = HAsOa- 


4 26“ 

- 0.682 

(aq) 4 3H+ 4 36“ 

- 0.2475 

2C1“ 4 PtCU— 


2C1“ 4 2Hg = HgaCla 


- PtCle— 4 26“ 

-0.72 

4 26“ 

- 0,2676 

6Cl“ 4 Ir - IrCie 


HaO 4 V+++ = VO++ 


4 36“ 

-0.72 

4 2H+ 4 

- 0.314 

4C1“ 4 Pt = PtCl4-“ 


HaO 4 Bi - BiO+ 


4 26“ 

-0.73 

4 2H+ 4 36“ 

- 0.32 

Se 4 3 H 2 O - HaSeOa 


UO 2 - UO 2 ++ 4 26“ 

- 0.33 ' 

4 4H+ 4 46“ 

- 0.740 

HCN = ICaNaCg) 


2CNS- - (CNS)2 


4 H+ 4 

- 0.33 

4 26“ 

-0.77 

Cu ~ Cu"’"*' 4 26“ 

- 0.3448 

Fe*^"^ = Fe+++ 4 er 

- 0.771 
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Acid Solutions (Coni’ d) 


Couple 

J^o 

Couple 


2Hg = Hgj++ + 2e- 

- 0,7986 

TlCl = TI+++ + Cl“ 


Ag = Ag+ + e" 

- 0.7995 

+ 2e-' 

- 1.36 

2 H 2 O + N 2 O 4 - 2 NO 3 ” 


IHiO + 2Cr+++ 


-f- 4H+ 4- 2«- 

-0.81 

= CrsOr— + 14H+ 


2 H 2 O = 02+ 4H+- 


+ 65 "” 

- 1.36 

(lO-'AO 4- 4e- 

- 0.815 

3 H 2 O + 2Au = AuaOs 


2Br” + AuBr 2 “ 


+ 6H+ + 6e- 

- 1.363 

= AiiBr4“ + 'IfT 

-0.82 

Au = Au+++ + Se- 

- 1.42 

Pd = Pd++ + 2e- 

-0.83 

3HsO + Br- = Br08- 


Hg = Hg++ + 2e- 

- 0.854 

+ 6H+ + 6e- 

- 1.44 

Hg2+-^ = 2Hg++ + le- 

- 0.910 

3 H 2 O 4 - Cl- = CIO 3 - 


HNO 2 + H 2 O = NO 3 - 


+ 6H+ + 6e- 

- 1.45 

+ 4H+ + 

-0.96 

2 H 2 O + Pb++ = Pb02 


2Br'" + Au = AuBr 2 “ 


4 - 4H+ 4- 2e- 

- 1.456 

+ e~ 

- 0.96 

iCl2 + 3 H 2 O = 6H+ 


NO + HaO = HNO 2 


+ CIOs" + 5e~‘ 

- 1.47 

+ H**" + 

- 0.99 

Mn++ = Mn++-^ + e- 

- 1.51 

3 H 2 O + vo-^ = V- 


fBra + 3 H 2 O = BrOa”" 


(0H)4+ + 2H+ + e- 

- 1.000 

4 - 6H+ 4 - 5e- 

- 1.52 

4CI~ + Au = AuCI-t"" 


4 H 2 O + Mn++ 


+ 35 - 

- 1.00 

« Mn04“ + 8H+ 


ClOa- + H 2 O = 2H+ 


+ 56“ 

- 1.52 

+ CIO 4 - + 2«- 

- 1.00 

2 H 2 O + 2BiO+ = Bi204 


4 H 2 O + TeOaCs) 


+ 4H+ + 26“ 

ca - 1.59 

= H6Te06(s) + 2H+ 


§Br 2 + H 2 O = HBrO 


+ 2e- 

- 1,02 

+ H+ + 6- 

- 1.59 

2Br- = Br 2 (l) + 2e~ 

- 0.652 

Ce+« = Ce+4 + e“ 

I - 1.61 

SHaO + 1“ = IO 3 ” 


iCl 2 + H 2 O = 


+ 6H-^ + 6^- 

- 1.085 

+ HCIO + 6“ 

- 1.63 

2Br“ 5 = BraCaq) + 2e“ 

- 1.087 

iCla + 2 H 2 O = 3H+ 


H 2 O + HaSeOa 


+ HCIO 2 + 36“ 

- 1.63 

= SeOr-+4H++2e- 

- 1.15 

2 H 2 O + MnOz 


§I2 + 3 H 2 O = lOg- 


= Mn04“ + 4H+ 


+ 6H+ + 55- 

- 1.195 1 

+ 36“ 

- 1.67 

Pt « Pt++ + 2e- 

ca - 1.2 

Au = Au+ + 6“ 

- 1.68 

2 H 2 O = Os + 4H+ 


2 H 2 O + PbS04 = PbOa 


+ 4e- 

- 1.229 

+ S04“~ + 4H+ + 26-" 

- 1.685 

T1+ = Ti+++ + 2^- * 

- 1.25 

3 H 2 O + IO 3 - = HfilOe 


2 H 2 O + Mn++ = MnOs 


+ H+ + 26“ 

ca - 1.7 

+ 4H-*- + 2^“” 

- 1.28 

2 H 2 O + Ni++ = NiOa 


PdCir- + 2C1- 


+ 4H+ + 26“ 

- 1.75 

= PdCla-- + 2fi- 

- 1.288 

2 H 2 O = H 2 O 2 + 2H+ 


Au+ = Au**^ + 2e” 

ca - 1.29 

+ 26- 

- 1.77 

iCh + 4 H 2 O =« 8H+ 


Co-^+ = Co+++ + 6“ 

- 1.84 

+ CIO 4 - + 7e- 

- 1.34 

Ag+ = Ag++ + 6“ 

- 1.98 

H 2 O + NH 4 +« NH 3 OH+ 


2 SO 4 = SaOs + 26 “ 

-2,05 

+ 2H+ + 2e~ 

- 1.35 

O 2 + H 2 O = 03 + 2H'*‘ 


Cl"" = + o'~ 

- 1.3583 

+ 26- 

- 2.07 
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Acid Solutions {Concluded) 


Couple 


Couple 

jB® 

HiO + 2F- = F 2 O 



-2.85 

+ 2H+ + 4e- 

- 2.1 


-3.03 


Basic Solutions 


Couple 

Jgo 

Couple 


2 OH- + Ca = Ca(OH )2 


H 2 O + 30H- + HSn02- 


+ 2e" 

3.02 

= Sn(OH) 6 — 4- 2 e- 

0.96 

8 H 2 O + 2 OH- + Sr 


Te — = Te + 2e- 

0.92 

= Sr( 0 H) 2 ‘ 8 H 20 


2OH- + S0s-“ = S 04 “” 


+ 2 e“ 

2.99 

+ H 2 O + 2 e- 

0.90 

8 H 2 O + 2 OH- + Ba 


20 H” + Fe = Fe(OH )2 


« Ba(OH) 2 - 8 H 20 


+ 26 ” 

0.877 

-J~ 26“ 

2.97 

30H- + PHsCg) = P 


30H- + La = La(OH), 


+ 3 H 2 O + 36 

0.87 

+ 36“ 

2.76 

S— + Ni - NiS(a) 


20H“ + Mg = Mg- 


+ 26” 

0.86 

(0H)2 + 26“ 

2.67 

40H” + N 2 O 4 = 2N03“ 


40H- + A1 = HsAlOj- 


+ 2 H 2 O + 26” 

0.85 

+ H 2 O + 36” 

2.35 

Hs + 20H" = 2 H 2 O 


20H- + P = HjPOa- 


+ 26” 

0.828 

+ 6” 

1.82 

2 OH- + Cd = Cd(OH )2 


6 OH- + Si = SiOs" 


+ 26” 

0.815 

+ 3 H 2 O + 46- 

1.73 

30H” + Sn = HSii02“ 


20H- + Mn = Mn- 


+ H 2 O + 26” 

0.79 

(0H)2 + 2e- 

1.47 

Se = Se 4“ 2^'' 

0.78 

S + Zn = ZnS + 26” 

1.44 

20H- 4- Co = Co{OH )2 


30H” + Cr = Cr(OH)3 


4" 26” 

0.73 

+ 36” 

1.3 

40H- 4- AsOz” 


S”” + Cd = CdS 


= As 04 4- 2HsO 


+ 26” 

1,23 

4“ 26” 

0.71 

40H” + Ga = HaGaOs” 


S— 4-Hg = HgS4-26- 

0.70 

+ H 2 O + 36” 

1.22 

40H- 4- As = AsOj- 


40H“ + Zn = Zn02 


4" 2 H 2 O 4* 36” 

0.68 

+ 2 H 2 O + 26” 

1.216 

40H” 4- Sb = SbOj- 


40H” + Cr = Cr02“ 


4- 2 H 2 O 4- 36” 

0.66 

+ 2 H 2 O + 36” 

1.2 

20H” 4- Ni = Ni(OH)2 


HCHO(aq) + 30H” 


4* 26” 

0.66 

+ HC02-(aq) 


2CN” 4- Au = Au- 


+ 2 H 2 O + 26” 

1.114 

(CN)s“ 4" 

0.60 

30H- + HPO 3 ”- 


4NHs 4- Cd = Cd- 


= PO 4 + H 2 O 


(NH2)4++ 4- 2e- 

0,597 

+ 26” 

1.05 

20H” 4- Pb = PbO(r) 


4NH3(aq) + Zn 


4“ H 2 O 4” 26” 

0.578 

= Zn(NH3)4++ + 26” 

1.03 

OH- 4- Fe(OH )2 


S”” + Fe = FeS + 26” 

1.00 

= Fe(OH )2 4- e- 

0.56 

S— + Pb = PbS + 26” 

0.98 

2S— = S 2 -” 4- 2e- 

0.51 
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Basic Solutions {Concluded) 


Couple 


Couple 


S— = S + 2e- 

0.508 

20 H- + CIOs- = CIO 4 - 


eNHsCaq) + Ni = Ni- 


4“ H 2 O 4" 26- 

- 0.17 

(NH 3 )«++ + 2e- 

0.48 

OH- + Co(OH )2 = Co- 


NO 4- 20H- - NO 2 '- 


(OH)s -F e- 

-0.2 

+ H 2 O -h e- 

0.46 

60H- -h I- = lOs- 


30H- 4- Bi = BiOOH 


4“ 3 H 2 O 4" 66— 

- 0.26 

+ H 2 O + Ze- \ 

0.46 

2 OH- + 2Ag = AgsO 


OH- + Mn(OH)s 


4- H 2 O 4- 26- 

-0.344 

« Mn(OH)3 4- e- 

0.40 

40H- = O 2 -H 2 H 2 O 


2 OH- + 2Cu = CusO 


4 - 46- 

- 0.401 

-f H 2 O -1- 2e- 

0.361 

NH 4 OH 4- 20H- 


OH- + T1 = Tl(OH) 


= NH 2 OH + 2 H 20 


-i- e~ 

0.3445 

4“ 26“ 

-0.42 

2 OH- + Cu = Cu(OH)s 


2 OH- + Ni(OH)2 


4- 26- 

0.224 

= Ni02 + 2 H 2 O 


50H- 4- Cr(OH)3 


4“ 26“ 

- 0.49 

« CrOr- + 4 H 2 O 


Mn04 = Mn04'" 4" 

- 0.54 

4-36- 

0.12 

40H- -1- 10- = IO 3 - 


2 NH 3 4- Cu = Cu- 


2 H 2 O 4” 46— 

-0.56 

(NH3)j+ + e- 

0.11 

40H- 4- MnOa 


H 2 O 4- 20H- + CU 2 O 


= Mn04- 4- 2 H 2 O 


= 2Cu(OH)2 


4-36- 

- 0.57 

4- 26 - 

0.09 

20H- 4- AgsO = 2AgO 


OH- + HO 2 - = O 2 


4- H 2 O 4- 26 - 

-0.57 

+ H 2 O + 2 e- 

0.076 

40H- 4- MnOa 


4NHj + Cu = Cu- 


= Mn04“” 4- 2 H 2 O 


(NH,) 4 ++ + 2e- 

0,05 

4 “ 26 — 

- 0.58 

20H- + Tl(OH) = Tl- 


20H- 4 - CIO- = C102- 


(OH), + 2e- 

0,05 

4 “ H 2 O 4 " 26 — 

-0.59 

60H- + Te = TeOj— 


60H- 4" Br- = BrOs” 


4" 2 H 2 O 4” 45 — 

0.02 

4- 3 H 2 O 4- 66- 

-0.61 

20H- 4- NO 2 " = NOa- 


60H- 4- Cl- - CIO 3 - 


4* H 2 O + 26- 

- 0.01 

4- 3 H 2 O + 66- 

- 0.62 

20H- 4- Se03““ 


30H- + IO 3 - 


= SeOr- 4- H 2 O 


- H 3 IO 6 — 4- 26- 

ca — 0.70 

4* 26— 

-0.03 

20H- 4- 2AgO - AgaOs 


Hg 4- 20H- « HgO(r) 


4“ H 2 O 4" 26— 

- 0.74 

4“ H 2 O 4“ 26 

- 0.0984 

40H- 4- Cl- = CIO 2 - 


20H- 4- Pd = Pd(OH)2 


4” 2 H 2 O 4" 46” 

-0.76 

4-26- 

-0.1 

20H- 4- Br- = BrO- 


60H- 4- 2Ir = IrsOs 


4- H 2 O + 26- 

-0.76 

4- 3 H 2 O 4- 66- 

-0.1 

30H- = HO 2 - 4- H 2 O 


20H- + 2Hg = HgaO 


4-26- 

- 0.87 

4" H 2 O 4“ 26“ 

- 0.123 

2 NO 2 - = N 2 O 4 4- 26- 

-0.88 

N 2 O 4- 60H- = 2 NO 2 - 


20H- 4- Cl- - CIO- 


-f* 3 H 2 O 4" 46“ 

-0.15 

4“ H 2 O 4“ 2e— 

-0.94 

20H- + Pt = Pt(OH)2 


O 2 -h 20H- - O 3 


4-26- 

-0.16 

4“ H 2 O 4" 2e- 

- 1.4 
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Notes on the Use of the Table of Oxidation-Reduction 

Potentials 


The above table of important oxidation-reduction potentials 
has been prepared for ready reference. Additional values for 
couples less frequently employed will be found under the various 
elements. 

The values for couples involving have been given 

in the first part of the table and those for couples involving IM 
OH” in the second part. The potential of many couples is inde- 
pendent of pH and although these have been included in the 
table for acidic reactions, they might have been repeated for the 
latter table. 

The couples are arranged in order of increasing oxidizing power, 
that is, the oxidized form of any couple has sufficient energy to 
oxidize the reduced form of any couple of higher positive potential. 

The convention regarding the sign of the E° values is that used 
throughout the text. The couple is written with the electrons on 
the right side and the sign is positive if the reduced form of the 
couple (written on left side) is a better reducing agent than Hg. 

The values, which are referred to the potential of the hydrogen- 
hydrogen ion couple as zero, are for 25° C. and all gas pressures, 
1 atmosphere, and all activities (Append. IV), 1 molal, unless 
otherwise stated. 

The potential at other concentrations and pressures at 25° C. 
is given by the expression : 


£ = E° 


0.059 

n 


log Qr 


where Q is the product of the activities (solutes in moles per liter 
and gases in atmospheres) of the products divided by the product 
of the activities of the reacting substances, each activity raised to 
that power whose exponent is the coefficient of the substance in 
the half reaction, and n is the number of moles of electrons in- 
volved in the half reaction as written. Activities of pure solids 
and liquids are taken as unity. 

Example: 

2Cr{lM) = Cl 2 (l atm.) 2e”; £» = - 1.358 
2C1-(0.01M) = Cl2(5atm.) + 2er;E = E>- log 
E = - 1.358 - 0.138 1.496 
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These potential values merely represent the difference in en- 
ergies of the products and the reacting substances and as such 
give no information as to the speed of the reaction; indeed the 
mechanism of the reaction may be such that it cannot take place 
in spite of a favorable potential value. Thus, Fe = + 3e“; 

+ 0.04 volt, indicates that would oxidize iron to the ferric 
state, but the mechanism of the reaction is Fe = Fe++ + 2^-, 


£ 

0.8 
0.6 
0.4 
0.2 
0 

- 0.2 
- 0.4 
- 0.6 
- 0.8 
- 1.0 
- 1.2 
- 1.4 
— 1,6 

Fig. 1. Change of E with 
concentration of 



+ 0.44 volt, and Fe"*"^ — Fe+++ + 

— 0.77 volt, and cannot bring about 
the second step. 

In general it may be stated that many 
of the reactions given are not capable of 
experimental attainment under equilib- 
rium conditions for one of two reasons: 
(1) the reaction is slow, as, for example, 
the reduction of sulfuric acid to sulfurous 
acid in dilute solutions, or the evolution 
of hydrogen on zinc which may require 
an overvoltage of 1.2 volts; or (2) the 
final and initial substances cannot exist 
together because of an intermediate 
state, as for example, the Fe — Fe'^'^ 
couple which gives Fe++, or Cl"" + H 2 O 
= HCIO + + 2e~, which would give 

CI 2 at likfH+ 

Two half reactions may be added or 
subtracted to give a third half reaction 
but the potential of the third reaction is 


derived by the addition or subtraction of the free energies (Ap- 
pend. Ill) and not by the addition of the potential values. 
However, if two half reactions are subtracted to give a complete 
reaction, the potential of the reaction is the difference in the 
potentials of the two couples. 

The change in the half reaction-potentials with change in 
concentration for a number of couples is shown graphically in 
Fig. 1. The various couples given in the figure are as follows: 


A + 

A' IH 2 + OH- = H 2 O + e- 
B Br- + Ag = AgBr + e- 
C Fe”^ = Fe"^”^ + e“ 

C OH- + Fe(OH )2 = Fe(OH )3 + 
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D 2HaO + NO = NOj- + 4H+ + 3e- 
D' 40H- + NO = NOr + 2 H 2 O + 3e- 
E H 2 O = IO 2 + 2H+ + 2er- 
E' 20H- = IO 2 + H 2 O + 2e- 
F N 2 O + 3 H 2 O = 2 HNO 2 + 4H+ + 4e- 
F' NiO + 60H- = 2 NO 2 - + 3 H 2 O + 4er 




Appendix III 


FREE ENERGY VALUES AND THEIR USE 

Summary of concepts relating to free energy data, and their use 
in predicting the direction and extent to which a given reaction 
will proceed: 

(1) The free energy of a process is the maximum available 
work w^hich is obtainable in going from the initial to the final 
state. The free energy change, AF, of a chemical reaction is the 
free energies of formation (from their elements) of the products of 
the reaction, less the free energy of formation of the reacting sub- 
stances. Example: CaO + 2HCI = CaCb + H 2 O; AF = FcaCb 
+ FhoO “ Fcao — 2 Fhci- 

(2) The free energy values for the substances in Table I refer 
to energy of formation from the elements at 25° in their standard 
states or states of unit activity, which are pure solid, pure liquid, 
gas at one atmosphere, and solute at 1 molal activity. The free 
energy of a reaction, in which all the substances are at unit activ- 
ity and at temperature T, is designated as AF°t- The free energies 
of all elements and of are taken as zero in their standard 
states. 

(3) The relation betw^een the free energy change for substances 
in their standard states and the equilibrium constant, iT, is 

- RTlneK = AF°t, or ~ 13641ogioi^ - (in cal.) 

where R is the gas constant and T the absolute temperature. The 
more general relation is: 

~ RTlnKIQ = AFt 

where Q has the same form as the equilibrium constant, but the 
concentrations refer to the values of the substances in their initial 
and final states. If these are unity, then Q is unity and the free 
energy is AF°. 

Example: We may calculate the equilibrium constant for the 
reaction: Cl 2 (aq.) + H20(iiq.) = -f- CI~ + HC10(soi.), from 
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the value AF°29b = 4600. Hence — logioK = 4600/1364; K 
= (H+)(C1-)(HC10)/(CI2) = 4.3 X 10“4. 

(4) It follows from this relation that a large negative value 
for AF means a large value for K or that the reaction as written 
is capable of proceeding to practical completion. It must be em- 
phasized again, however, that free energies give no information as 
to the speed of the reaction. 

(5) The reversible electromotive force, E, is a direct measure 
of the maximum available work or free energy of a chemical 
reaction; w 23066. E = — AF where n is the number of Fara- 
days of electricity which flow through the circuit, and AF is 
given in calories. 

Example: Ag+ = IH 2 = = Ag; E^ = 0.7995. 

AF° = - 0.7995 X 23066 = - 18440 cal. 

Since the free energies of H 2 , H+, and Ag are zero by definition, 
F °298 of Ag+ is 18440. 

Example: To calculate the solubility product of AgCl at 25° C. 

Ag + Or- = AgCl + e- - 0.2222 volt 

Ag = Ag+ + - 0.7995 

Ag+ + Cl- = AgCl 0.5773 volt 

Hence = - 0.5773 X 23066 = - 1365 log l/X, and K 
= 1.8 X lO-io. 


Table of Standard Free Energies of Formation at 25° C. 


Values for many positive ions which may be calculated directly from the 
oxidation-reduction potentials have not been included, cf. Ag+, P.(5) above. 


Substance 

AF° 

Substance 

AF° 

A1(0H)3 

- 272,900 

BiO+ 

- 34,550 

HsAlOr 

- 256,000 

Be203(s) 

- 116,600 

Sb 203 (s) 

- 149,030 

BeOOH(s) 

- 87,800 

SbO+ 

- 42,000 

BrClr 

- 114,200 

Sb02“ 

- 82,500 

H3BOs(s) 

- 220,600 

Sb206 

- 195,500 

H 2 B 03 - 

- 208,000 

AS203(s) 

- 137,670 

BF 4 - 

~ 335,900 

HAs02(aq) 

- 96,350 

Br2(aq) 

977 

ASO 2 ” 

~ 83,770 

Br2(g) 

755 

AsO+ 

- 39,260 

Br" 

- 24,578 

H 3 As 04 (aq) 

- 183,930 

HBrO 

- 19,900 

BaC03(s) 

- 271,570 

BrOs"” 

5,000 

Br02(s) 

- 138,000 

Cd(OH) 2 (s) 

- 112,730 

Be20(0H)2(s) 

- 305,610 

CdS(s) 

- 33,100 

Be203 

~ 265,810 

CdCOaCs) 

- 163,410 
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Table of Standard Free Energies (Cont'd) 


Substance 


Ca(OH) 2 (s) 

CaCOsCs) 

CO(g) 

C02(g) 

HaCOaCaq) 

HCO3- 

cos-- 

HCN 

CN- 

Cl2(aq) 

Ch 

cio- 

HCIO 

HCiOg 

0102- 

CIO3” 

cior 

CrCl2+ 

Cr(0H)3 

Cr02'“ 

Cr++ 

CrOr- 

HCrOr 

Cr207 

Cr02Cl2 

Co(OH)2 

CoS(o£) 

CoCOs 

Co(OH)3 

Cu(0H)2 

CuS 

CuCO* 

F- 

HF(aq) 

FaOCg) 

Ga(0H)3 

H 2 Ga 05 "' 

Au(g) 

Aul 

AuCl4~ 

HfOa 

HfO++ 

In20a 

12 (g) 

l2(aq) 

I- 

la"* 

HIO 



Substance 

AF® 

- 214,830 

IClr 

- 38,350 

- 207,430 

IO 3 - 

- 32,251 

- 33,010 

HsIOe 

ca - 123,900 

- 94,450 

IrCls 

- 137,800 

- 149,170 

IrOa 

- 28,000 

- 140,490 

Fe(OH )2 

- 115,660 

- 126,390 

FeCOs 

- 161,260 

26,340 

Fe(OH)s 

- 166,300 

39,140 

Fe2Ss 

- 55,000 

1,630 

La(OH)s 

ca - 303,800 

- 31,330 

PbO(red) 

- 45,100 

- 9,200 

PbO (yellow) 

- 44,956 

- 19,110 

PbO-iHaO 

- 63,721 

- 600 

HPb02“ 

- 80,800 

2,100 

Pb(OH)j 

- 102,200 

250 

PbCis 

- 75,040 

- 10,700 

PbS 

- 21,910 

- 114,100 

PbS04 

- 159,500 

ca - 202,750 

PbCOa 

- 149,710 

- 123,000 

PbOs 

- 52,020 

- 39,400 

Mg(OH)2 

- 193,300 

- 171,400 

MgO 

- 136,370 

- 180,250 

MgCOs 

- 246,630 

- 306,000 

Mn(OH )2 

i - 143,100 

- 117,000 

MnS 

- 46,000 

- 108,900 

Mii(OH)3 

ca - 190,000 

- 19,800 

Mn04“ 

~ 100,600 

- 155,570 

MnOa 

- 102,900 

- 142,000 

Mn04 

- 113,100 

- 85,500 

HgaO 

- 12,800 

- 11,755 

HgO(red) 

- 13,940 

- 123,930 

HgaCIa 

~ 50,310 

- 65,700 

HgO 

- 13,940 

- 70,000 

HgS 

- 8,800 

9,500 

M 0 O 4 — 

~ 208,000 

ca - 198,300 

M 0 O 3 

- 157,600 

ca - 178,000 

Ni(OH)2 

- 105,600 

82,500 

No(g) 

20,660 

760 

NjOCg) 

24,930 

- 56,200 

Nojfe) 

12,274 

- 258,200 

NsO^Cg) 

23,440 

- 212,100 

NOr 

- 26,250 

- 21,800 

HNO 2 

~ 13,020 

4,630 

NOj- 

- 8,450 

i 3,926 

NHs(g) 

- 3,940 

- 12,333 

NH^OHCaq) 

- 62,990 

- 12,290 

NH 4 + 

- 18,960 

- 23,330 

Os 04 (s) 

- 69,400 
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iAJ5i-ji OF Standard Free Energies (Cont'd) 


Substance 

AF° 

Substance 


03(g) 

39,400 

H 3 S(g) 

- 7,870 

HjOCg) 

- 54,636 

H 3 S(aq) 

~ 6,520 

OH- 

- 37,585 

HS- 

2,950 

H 202 (aq) 

- 31,470 

s— 

23,420 

HO 2 - 

- 15,610 

HjSOaCaq) 

“ 128,535 

Pd(OH)j 

ca- 70,500 

S04~- 

- 176,100 

Pdcir- 

ca ~ 96,000 

HeTe(aq) 

32,000 

H 3 PO 4 

- 270,000 

H 2 TeOs(aq) 

- 115,700 

HsPOaCaq) 

- 204,000 

TeOs— 

- 110,100 

PH3(g) 

2,880 

HeTeOe 

- 241,100 

Pt(OH )2 

ca — 67,900 

TI(OH) 

- 45,535 

ptcu— 

- 91,600 

TlCl 

- 44,190 

PtS 

- 17,250 

TI(OH)s 

- 123,000 

KCl 

- 97,555 

Th02 

- 280,100 

KBr 

- 90,450 

Sn(OH )2 

- 115,950 

ReOr 

- 202,800 

HSn02- 

- 92,450 

H2Se(aq) 

16,720 

SnS 

- 21,250 

H 2 Se 03 (aq) 

- 101,361 

Sn(OH)6-" 

ca — 306,000 

SeOs 

- 87,890 

Ti 02 (rutile) 

- 205,300 

HSeOr 

- 107,840 

WO3 

- 171,400 

Se04 

- 105,120 

W04-“ 

- 220,000 

3102(01 quartz) 

- 190,400 

UO 2 ++ 

~ 226,800 

SiOs— 

ca - 215,000 

UO 2 

- 242,200 

Ag20 

- 2,590 

V2O5 

~ 406,000 

AgBr 

- 22,900 

Zii(OH )2 

- 132,640 

Agl(ppt) 

- 15,810 

Zn02 

93,030 

Ag2S 

- 9,500 

Zn(NH8)4++ 

- 72,740 

Ag2C08 

- 104,600 

ZnS 

- 43,200 

NaOH(s) 

- 90,475 

ZnCOs 

- 174,780 

Na2C08 

- 250,800 

Zr02 

- 245,400 

SrCOs 

- 271,900 

ZrO++ 

- 198,100 
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IONIZATION OF STRONG ELECTROLYTES 


The freezing point lowering of a molal solution of a strong 
electrolyte such as sodium chloride is somewhat less than twice 
the molal freezing point lowering (cf. Hildebrand, Prin, of 
Chem., p. 59) and the assumption was formerly made that the 
sodium chloride was only partially ionized. It is now believed 
that the sodium chloride is completely ionized in the sense that 

TABLE I 

Activity Coefficient of Typical Electrolytes at 25° C. 


Molality 

0.01 

0.05 

0.10 

1.0 

KOH 

0.90 

0.82 

0.80 

0.76 

AgNOj 

0.90 

0.77 

0.72 

0.40 

KIO3 

0.88 

0.76 

0.69 


BaCls 

0.72 

0.56 

0.49 

0.39 

CdCla 

0.47 

0.28 

0.21 

0.06 

K2SO4 

0.71 

0.52 

0.43 


H2SO4 

0.54 

0.34 

0.26 

0.13 

MgS04 

0.40 

0.22 

0.18 


CUSO4 

0.41 

0.21 

0.16 

0.05 

La(N03)a 

1 0.57 

0.39 

0.33 


NaCl 

0.90 

0.82 

0.78 


NaNOs 

0.90 

0.82 

0.77 

0.55 

ZnCls 

0.71 

0.56 

0.50 


NH 4 CI 

0.88 

0.79 

0.74 

0.57 

CdS 04 

0.40 

0.21 

0.17 

0.04 

Nal 

0.91 

0.86 

0.83 



the ions are capable of independent motion, and that the apparent 
non-ionization is due to the forces acting between an ion and its 
neighbors in general rather than its attachment to any particular 
ion. Since this force causes a departure of the ions from the be- 
havior of perfect solutions, it is necessary to use a corrected con- 
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centration, called activity, a, in all thermodynamic relations, and 
the ratio of the activity to the concentration (molality) is defined 
as the activity coeflS.cient, 7 = a/c. At infinite dilution the force 
between the ions is zero, and the activity equals the concentration, 
i.e., 7=1 (Fig. 1 ). As the concentration increases, the activity 



Fig. 1. Activity coefficient of hydrogen and alkali halides. 


coefficient becomes less than unity, due to the attraction of the 
oppositely charged ions (Debye and Hiickel theory), but at high 
concentrations other factors enter such as the force of repulsion 
between the large hydrated ions, or the change in hydration of the 
ions, and the coefficient may become greater than unity. 

It is not possible to measure the activity of an ion of one sign 
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independent of the ion of opposite sign, i.e., Na"*" is not independent 
of Cl“" in NaCl ; hence the activity is determined as the mean of 
both ions, and the activity coefficient expressed as the mean 
activity divided by the mean molality. The mean activity and 
molality are defined in such a manner (cf. Lewis and Randall, 
Thermodynamics, p. 328) that the ratio approaches unity at in- 
finite dilution for all types of salts. 




Appendix V 


CRYSTAL FORMS AND TYPES OF 
CRYSTAL LATTICE 


A crystal is classified according to the elements of symmetry 
which it possesses. Symmetry is determined by the following 
operations required to bring the crystal into coincidence with its 
original position. 

(a) Rotation about an Axis. — If a crystal can be revolved about 
an axis through its center so that similar faces recur n times in one 
rotation, it is said to possess n fold symmetry about this axis. 
Only axes of two-, three-, four-, and six-fold symmetry are known 
or in fact are possible with a system of particles at finite distances 
apart. 

(b) Reflection in a Plane . — K crystal which may be divided by 
a plane into two parts, mirror images of each other, is said to 
possess symmetry about this plane. 

(c) Inversion about the Center.^ — If every line drawn through 
the center cuts similar parallel faces on opposite sides of the 
center, the crystal is said to possess a center of symmetry. 

(d) Simultaneous Rotation and Reflection. — If a crystal can 
be revolved about an axis so that n times in one rotation faces 
recur which are alternate mirror images, the crystal is said to 
possess an axis of composite symmetry. Only four- and six-fold 
axes of composite symmetry can occur. 

Crystal Classes. — ^There are 31 possible combinations of these 
four types of symmetry and these, together with the crystal with- 
out any symmetry, constitute the 32 crystal types. 

The 32 types are grouped into six crystal systems with the 
following characteristics: 

(1) Isometric or Cubic. — This system includes all crystals 
having three interchangeable axes at right angles. All crystals 
have 4 axes of three-fold symmetry. One of the most important 
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forms is the cube which has 3 axes of four-fold symmetry, 4 axes 
of three-fold symmetry which also have six-fold composite sym- 
metry, 6 axes of two-fold symmetry, nine planes of symmetry 
and a center of symmetry. Other forms are the octahedron, do- 
decahedron, and tetrahedron. 

(2) Tetragonal. — One four-fold axis (may be four-fold com- 
posite axis) and two interchangeable axes at right angles to the 
principal axis and to each other. The tetragonal prism is a com- 
mon form. 

(3) Hexagonal. — One three-fold or six-fold axis of symmetry. 
Three interchangeable lateral axes of reference are generally em- 
ployed which are perpendicular to the axes of symmetry and in- 
tersect each other at 120°. Hexagonal prisms, hexagonal bipyra- 
mids, and rhombohedra are common forms. 



Fig. 1. Body-cen- 
tered cubic. Structure 
of Cr, Fe (alpha), Li, 
Na, K, Mo, Ta, V, W. 



Fig. 2. Face-cen- 
tered cubic. Structure 
of Ag, Al, Au, Ca, Ce, 
Co (cubic), Cu, Fe 
(gamma), Ir, Ni, Pb, 
Ft, Th, A. 



Fig. 3. Hexagonal 
close-packed. Struc- 
ture of Be, Cd, Ce, Co, 
Hf, Mg, Os, Ti, Tl, 
Zn, Zr. 



Fig. 4. Diamond 
type. Structure of C 
(diamond), Si, Sn 
(grey). 


Fig. 5. Sodium chlo- 
ride type. Structure of 
lithium, sodium and po- 
tassium halides: CaO, 
SiO, MgS, VN, NiO, 
CoO, FeO, AgCl, AgBr, 
PbS, MgO, CoF. 


Fig. 6. Cesium chlo- 
ride type. Structure of 
CsCl, CsBr, Csl, TlCl, 
TlBr, Til. 
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type. Structure of 
ZnO, Agl, TaN, AIN, 
BeO. 



Fig. 8. Zinc sulfide 
(sphalerite) type. 
Structure of ZnS, HgS, 
CuCl, CuBr, Cul, Agl. 



Fig. 9. Cuprous ox- 
ide type. Structure of 
CU 2 O, AgaO. 
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Fig. 10. Calcium 
fluoride type. Struc- 
ture of CaFa, LiaS, 
LiaO, CuaSe, NaaS, 
BaF a, PbF a, SrF a, HgF a, 
ThOa, CdFa, CeOa, 
UO 2 , PrOa, SrCla. Ra- 
tio of radius of M to 
radius of X > 0.6. 



Fig. 11. Rutile type. 
Structure of TiOa, 
PbOa, MnFa, TeOa, 
FeFa, ZnFa, CoFa, 
NiFa, SnOa, MgFa, 
NbOa, MoOa, WO 2 , 
IrOa, VOa, MnOa. Ra- 
tio of radius of M to 
radius of X < 0.6. 



Fig. 12 . Manganous 
hydroxide type. Struc- 
ture of Mn(OH)a, ZrSa, 
Cdia, Mg(OH) 2 , Ca- 
(0H)2. 



Fig. 13. Wurtzite, 
ZnS, type. Structure 
of NH4F, BeO, ZnO, 
CdS, MgTe, CdSe, 
AIN. 



Fig. 14. NiAs type. 
Structure of FeS, CoS, 
NiS, FeSe, CoSe, CoTe. 
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Fig. 15. Perowskit 
type. Structure of 
CaTiOa. KIOs, CaZrOs, 
CaSnOa, LaAlOa, 
KMgFa. 


This system is often divided so as to give a Rhombohedral 
class, crystals of which may be referred to 3 axes, all equal and all 
inclined unequally. 

(4) Orthorhombic. — Crystals with three non-interchangeable 
axes of symmetry at right angles to each other. The rhombic 
prism and rhombic pyramid are common forms. 
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(5) Monoclinic. — Crystal with a single axis of symmetry but 
not three-, four-, or six-fold. Two additional axes of reference are 
chosen at right angles to the axis of symmetry and usually oblique 
to each other. A rhombic prism having a two-fold axis, a plane, 
and a center of symmetry is a common form. 

(6) Triclinic, — Crystal possesses no direction of symmetry. 
Reference axes are non-in terchangeable and in general at oblique 
angles. Two classes, with and without center of symmetry. 
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Separation of the Copper and Tin Groups 
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Filtrate: NaAlOz, Na 2 Cr 04 , Na2Zn02. Precipitate: Fe(OH)8, MnO(OH) 2 , Co(OH) 3 , Ni(OH) 2 - 



Analysis of the Aluminum Group 
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Filtrate from Ammonium Carbonate precipitate: NH4, Na, K salts. Evaporate and ignite the residue. 
Vapor: NH4 salts. Residue: KCl, NaCl. Add HCIO4, evaporate, add alcohol. 
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THE Acidic Constituents Precipitated from Acid Solutions by Barium and Silver Salts 
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Precipitate: AgCl. 
(Shows chloride.) 
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STRUCTURE OF MOLECULES AND IONS 

Linear HgCUCg), HgBr2(g), Hgl2(g), CO2, C3O2, SCO, 

C 4 H 2 , CH3CN, CHsNC, CS2, C2N2, H2CN2, Ns", 
NNO, CHsMgl, FHF-, BrlBr", CIIBr", AuCk-, 
Ag(CN) 2 ~, B02~, Be02 , L" (with 3 electron pairs 
about center I?). 

Plane BCI3, B(CH 3 ) 3 , NO3-, CO3— , C(NH 2 ) 3 +, SO3, 

TRIANGULAR CuCU", Ni(CN)3-, H 2 CO, OCCI 2 (Cl-C-Cl, 117°), 

SCCI 2 (Cl-C-Cl, 116°), CH 3 NO 2 (O-N-0, 127°). 

Planar CeHe, (HCOOH)2(g), CH3NNCH3(g). 

Bent or FOF(100°),C10C1(115°),OC10(125°),C102-(114°), 

V-SHAPED ONCl (125°), ONBr, CISCI (103°), (CH3)20 (111°), 

O 3 , (CH 3 ) 2 S, ONO (110-120°), NO2- (132°), OSO 
(122°), H 2 S (92°), H 2 O (105°). 

Pyramidal PF* (F-P-F, 104°), PCI3 (Cl-P-Cl, 101°), PBr» 
(Br-P-Br, 100°), Pl3(I-P-I, 98°), ASF3, AsCU 
(CI-As-CI, 103°), AsBr 3 (Br-As-Br, 100°), Asia 
(I-As-I, 100°), SbCla (Cl-Sb-Cl, 104°), SbBr* 
(Br-Sb-Br, 96°), Sbl, (I-Sb-I, 98°), P(CH3)s 
(C-P-C, 100°), PFCI2 (Cl-P-Cl, 102°), N(CH3)8 
(C-N-C, 108°), NH* (H-N-H, 108°), SOs" 
(O-S-0, 111°), CIO 3 - (O-Cl-0, 107°). 

Square XY4 ions and molecules of Pd++, Pt++, Cu++, Ag++, 

PLANAR Au+++, Ni++ (if demagnetic), ICU". 

P 4 , A84, Ni(CO)4, NH 4 +, BF 4 -, BeF4-', Li(NH,) 4 , 
Si04-*, AIO4-', SO4-*, P04-«, H2PO2-, CIO4-, 
501 


Tetra- 

hedral 
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Trigonal 

BIPYRAMID 

Square 

PYRAMID 

Octa- 

hedral 


Seven- 

cornered 

polyhedron 

Hexadral 
(cube) or 

SQUARE AR- 
CHIMEDEAN 
ANTIPRISM 


Cr 04 — , Mn 04 “, Mn 04 , SnBr 4 , Pb(C 2 H 6 ) 4 , TiCU, 

GeCU, SiCU, Cu{CN) 4 , and other Cu+ complex 

ions, Ni(H20)4*^, Ni(N2H4)2"^'^ and other paramag- 
netic complex ions of Ni"^, (CH3)3PtCl, and Pt^"^ 
complex ions, M(CM)4 when M isZn, Cd, or Hg, 
SnS4““^, AsS4”®, CCI4 and all carbon compounds with 
four single bonds, H 2 Fe(CO) 4 . 

PCU, PF5, PF3CI2, M0CI5, (CH 3 ) 3 SbX 2 . 


IF5 (?). 


In general, all XYe compounds and complex ions. 
In UFe, WFe, MoFe (as gases) the M-F distances 
of the three axes are different. In M0S2 (crystal) 
six sulfur atoms form a triangular prism about a 
molybdenum atom. 

ZrFe , IF7 (?). 


W(CN)8“S Mo(CN)8-^ and Ca(C2H50H)8++ prob- 
ably the former. (ZrFs)-^ (.?), (TaFs)-^ (?). 



Appendix VIII 


DENSITY OF WATER 

Density of Water in Grams per Cubic Centimeter 


t® c. 

Density 

t° C. 

Density 

t® C. 

Density 

0 

0.999867 

16 

0.998969 

32 

0.995052 

1 

0026 

17 

8801 

33 

0.994728 

2 

9968 

18 

8621 

34 

4397 

3 

9992 

19 

8430 

35 

4058 

4 

1.000000 

20 

8229 

36 

0.993711 

5 

0.999992 

21 

8017 

37 

3356 

6 

9968 

22 

0.997795 

38 

0.992993 

7 

9929 

23 

7563 

39 

2622 

8 

9876 

24 

7321 

40 

0.992244 

9 

9808 

25 

7069 

50 

0.98804 

10 

9727 

26 

0.996808 

60 

0.98321 

11 

9632 

27 

6538 

70 

0.97778 

12 

9524 

28 

0.996258 

80 

0.97180 

13 

9404 

29 

0.995969 

90 

0.96531 

14 

0.999271 

30 

5672 

100 

0.95835 

15 

9126 

31 

5366 

150 

0.9173 





200 

0.8628 


Apparent Density of Water, 

When Weighed in Air with Brass Weights, 
IN Grams per Cubic Centimeter 


t® C. 


t° C. 

Density 

t° C. 

Density 

15 

0.99805 

20 


25 

0.99604 

16 

.99790 

21 

.99697 

26 

.99579 

17 

.99774 

22 

.99676 

27 

.99552 

18 

.99756 

23 

.99653 

28 

.99524 

19 

.99738 

24 

.99629 

29 

.99496 





30 

.99466 
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DENSITY OF MERCURY 


Density of Mercury in Grams per Cubic Centimeter 


t® c. 

Density 

t® C. 

Density 

ISBI 

Density 

- 20 


15 

13.5584 

45 

13.4849 

- 10 


16 

5560 

50 

4727 

- 5 


17 

5535 

55 

4605 

0 

5955 

18 

5511 

60 

4484 

1 

5930 

19 

5486 

65 

4362 

2 

5905 

20 

5461 

70 

4241 

3 

5880 

21 

5437 

75 

4120 

4 

5856 

22 

5412 

80 

3999 

5 

5831 

23 

5388 

85 

3878 

6 

5806 

24 

5363 

90 

3757 

7 

5782 

25 

5339 

95 

3637 

8 

S757 

26 

5314 

100 

3516 

9 

5732 

27 

5290 

110 

328 

1© 

5708 

28 

5265 

150 

232 

11 

5683 

29 

5241 

200 

113 

12 

5658 

30 

5216 

300 

12.8760 

13 

5634 

35 

5094 

400 

6380 

14 

5609 

40 

4971 

500 

3950 
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EQUILIBRIUM PRESSURE OF WATER - 
WATER VAPOR 

Pressure in mm. of Mercury 


(Cf. also Fig. 2, Chap.lH) 


t° c. 

mm. 

t° C. 

mm. 

t“ C. 

mm. 


4.5687 

39 

51.997 

78 

327.05 

1 

4.9091 

40 

54.865 

79 

340.73 

2 

5.2719 

41 

57.870 

80 

354.87 

3 

5.6582 

42 

61.017 

81 

369.51 

4 

6.0693 

43 

64.310 

82 

384.64 

5 

6.5067 

44 

67.757 

83 

400.29 

6 

6.9718 

45 

71.362 

84 

416.47 

7 

6.4660 

46 

75.131 

85 

433.19 

8 

7.9909 

47 

79.071 

86 

450.47 

9 

8.5484 

48 

83.188 

87 

468.32 

10 

9.1398 

49 

87.488 

88 

486.76 

11 

9,7671 

50 

91.978 

89 

505.81 

12 


51 

96.664 

90 

525.47 

13 

11.137 

52 

101.55 

91 

545.77 

14 

11.884 

53 

106.65 

92 

566.71 

15 

12.674 

54 

111.97 

93 

588.33 

16 

13.510 

55 

117.52 

94 

610.64 

17 

14.395 

56 

123.29 

95 

633.66 

18 


57 

129.31 

96 

657.40 

19 

16.319 

58 

135.58 

97 

681.88 

20 

17.363 

59 

142.10 

98 

707.13 

21 

18.466 


148.88 

99 

733.16 

22 

19.630 

61 

155.95 

100 

760.00 

23 


62 

163.29 

101 

787.59 

24 

22.152 

63 

170.92 

, 102 

816.01 - 

25 

23.517 

64 

178.86 

103 

845.28 

26 

24.956 

65 

187.10 

104 

875.41 

27 

26.471 

66 

195.67 

no 

1075.37 

28 

28.065 

67 

204.56 

120 

1491.28 

29 

29.744 

68 

213.79 

130 

2030.28 

30 

31.510 

69 

223.37 

140 

2717.63 

31 



233.31 

150 

3581.2 

32 

35.318 

71 

243.62 

160 

4651.6 

33 

37.369 

72 

254.30 

170 

5961.7 

34 

39.523 

73 

265.38 

180 

7546.4 

35 

41.784 

74 

276.87 

190 

9442.7 

36 

44.158 

75 

288.76 

200 

11689.0 

37 

46.648 

76 

301.09 

209 

14042.5 

38 

49.259 

77 

313.85 

- 
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SOLUBILITY PRODUCTS AND ACID 
IONIZATION CONSTANTS 


Bromides 

K 


CuBr 

5.3 X 10~® Fluorides 


PbBra 

6.3 X 10“* BaFa 

1.7 X 10-s 

Hg2Br2 

5.2 X 10-“ CaFa 

3.4 X 10~w 

AgBr 

3.3 X 10-“ MgFa 

6.4 X 10-® 

TlBr 

3.6 X 10-« PbFa 

3.7 X 10-8 


SrFa 

3 X 10-8 

Carbonates 



BaCOs 

4.9 X 10“* Hydroxides 


CdCOs 

2.5 X 10-“ Al(OH)s 

1.9 X 10-83 

CaCOg 

4.8 X 10-9 Sba03(SbO+, OH-) 

10-17 

C 0 CO 3 

1.0 X 10-“ AsOOH(AsO+ OH") 

5 X 10-16 

CuCOs 

1.4 X 10-“ Ba(0H)a-8H20 

5 X 10-3 

FeCOa 

2.1 X 10-“ Be20(0H)2(2Be++, 40H-) 

1 X 10-40 

PbCOg 

1.5 X 10-“ BiOOH(BiO+ OH) 

1 X 10-12 

MgCOg-SHaO 

1 X lO-® Cd(OH)2 

1.2 X 10-14 

MnCOg 

8.8 X 10-“ Ca(OH )2 

7.9 X 10-6 

HgaCOg 

9 X 10-“ Cr(OH )3 

6.7 X 10-31 

NiCOg 

1.4 XIO^ Co(OH)2 

2 X 10-16 

AgaCOg 

8.2 X 10-“ Cu20(Cu+, OH-) 

1.2 X 10-16 

SrCOg 

9.4 X 10-“ Cu(OH)2 

5.6 X 10-26 

ZnCOg 

6 X 10-“ Ga(OH )3 

5 X 10-37 


Au203(Au+++, 30H-) 

8.5 X 10-46 

Chlorides 

HfO(OH)2(HfO++ 20H-) 

10-26 

CuCl 

1.8X10-’ Fe(OH )2 

1.6 X 10-16 

PbCIa 

1.7 X 10-® Fe(OH )3 

4 X 10-38 

HgaCls 

1.1 X 10-“ La{OH )3 

10-26 

AgCl 

1.7 X 10-“ Pb(OH)2 

2.8 X 10-16 

TlCl 

1.9 X 10-® Mg(OH)2 

5.5 X 10-12 

BiOCl(BiO+, Cl”) 

7 XlO-9 Mn(OH )2 

7.1 X 10-16 


Hg20(Hg2++ 20H-) 

1.6 X 10-23 

Chromates 

HgO(Hg++,20H-) 

1.7 X 10-26 

BaCr 04 

2 X 10-“ Ni(OH)2 

1.6 X 10-14 

PbCr 04 

1.8 X 10-« Pd(OH)2 

1 X 10-24 

Ag2Cr04 

1.1 X 10-“ Pt(OH)a 

1 X 10-36 

SrCr04 

3.6X10-» AgaO(Ag+OH-) 

2.0 X 10-8 
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Hydroxides (fiont’d) 

K 

Sr(0H)2-8H20 

3.2 X 10-« 

Tl(OH) 

7.2 X 10-» 

TKOH), 

1 X lO-i^ 

Th(OH)4 

1 X 10-“ 

Sn(OH )2 

S X 10-“ 

Sn(OH)i 

1 X 10-“ 

TiO(OH )2 (TiO++. 20H-) 

1 X 10-“ 

TijOs (Ti+++. 30H-) 

1 X 10-“ 

U02(0H)2(U02++, 20H-) 

2 X 10-“ 

ZN(0H)2 

4.5 X 10-“ 

lodates 

Ba(I0s)2-2H20 

1.2 X 10-» 

Ca(I 03 )r 6 H 20 

1.9 X 10-« 

Cu(IOa )2 

1.3 X 10-' 

Pb(IO ,)2 

3.2 X 10-“ 

Hg2(I03)2 

1.3 X 10-“ 

AglOa 

S.3 X 10-* 

TlIOs 

4.5 X 10-« 

Iodides 

Cul 

1.1 X 10 -“ 

Pbl 2 

8.7 X 10-9 

Hg 2 l 2 

4.5 X 10-29 

Agl 

8.5 X 10 -“ 

Til 

5.8 X 10-8 

Sulfides 

CdS 

1.4 X 10-28 

BiaSs 

1.6 X 10 -“ 

CoSa 

7 X 10-23 

CuaS 

2.5 X 10-39 

CuS 

4 X 10-38 

FeS 

1 X 10-19 

PbS 

1.0 X 10-29 

MnS 

5.6 X 10-19 

HgaS 

1 X 10-43 

HgS 

3 X 10-33 

NiSa 

3 X 10-21 

PtS 

1 X 10-98 

AgaS 

1.0 X 10-31 

TI 2 S 

1.2 X 10-24 

SnS 

8 X 10-29 

ZnS 

4.5 X 10-24 

Oxalates 

CaC204*H20 

2.3 X 10-9 

Ce2(C2O4)3-10H2O 

2.5 X 10-29 

BaC204*2H20 

1.1 X 10-7 

MgC204 

8.6 X 10-3 

Hg2C204 

1 X 10-13 

Ag2C204 

1.1 X 10-11 

SrC204*H20 

5.6 X 10-8 


Sulfates 

BaSOi 

9.9 X 10-11 

CaS04-2Hii0 

2.4 X 10-3 

PbS04 

1.8 X 10-8 

HgjS04 

6.2 X 10-7 

AgjSO. 

1.2 X 10-3 

SrSO, 

2.8 X 10-7 

Values for Ionization of one H”** 

Acids 

HsAlOaCs) 

1 

X 

HSbOa 

10-11 

HASO 2 

6 X 10-19 

H 3 ASO 4 

4.8 X 10-3 

H 2 ASO 4 — 

10-7 

HASO 4 — 

10-13 

H 3 BO 3 

5.8 X 10-19 

H 2 B 4 O 7 

10-4 

HB 4 O 7 - 

10-9 

HBrO 

2 X 10-9 

H 2 CO 3 

4.3 X 10-7 

HCO 3 - 

4.7 X 10-11 

HCO 2 H 

1.8 X 10-4 

H 2 C 2 O 4 

5.9 X 10-2 

HC 2 O 4 - 

6.4 X 10-3 

HCN 

4 X 10-19 

HOCN 

1.2 X 10-4 

HSCN 

10-4 

HCIO 

5.6 X 10-8 

HCIO 2 

10-2 

H 3 Cr 03 (s) 

9 X 10-17 

HCr 04 “ 

3.2 X 10-7 

HF 

7.2 X 10-4 

HaGaOsCs) 

1 X 10-13 

HaGeOs” 

2.6 X 10-9 

HsIOb 

2.3 X 10-2 

H4l06“ 

1 X 10-6 

HIO 

1 X 10-11 

HaPbOaCs) 

2.1 X 10-19 

HNO 2 

4.5 X 10-4 

HN 3 

1 X 10-4 

H 2 N 2 O 2 

9 X 10-8 

HN 2 O 2 - 

1 X 10-11 

HaOsOs 

8 X 10-13 

HaO 

1.008 X 10-14 

OH- 

<10-36 

HaOa 

2.4 X 10-12 

H 3 PO 4 

7.5 X 10-8 

HaP04" 

6.2 X 10-8 

HPO 4 — 

10-12 

H 3 PO 3 

1.6 X 10-« 
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APPENDIX XI 


Acids {conVd) 

HaPOa" 

H3PO2 

HsSe 

HSe- 

HSeOr 

HaSiOs 

H2S 

HS- 


H2SO3 

7 X 10-7 HSOs- 
1 X 10-2 HSOr 
1.7 X 10-^ HsTe 
1 X 10-10 HTe- 
1 X 10-2 HsTeOs 
1 X 10-10 HaSnOsCs) 
1.1 X 10-7 HaZrOa 
1.0 X 10-1® 


1.2 X 10-2 
1 X 10-7 

1.2 X 10-2 

2.3 X 10-3 

1 X 10-® 

2 X 10-3 
6 X 10-18 
10-18 


Appendix XII 


BUFFER SOLUTIONS 

The following solutions may be employed to maintain desired 
concentrations of H"*" or OH”. These concentrations are expressed 
as pH = logio 1/(H+) e.g., 0.01i\r H+ has a pH of 2. 


Sorensen’s Phosphate Solutions 

KH 2 PO 4 , 9.078 g. per liter, and Na 2 HP 04 * 2 H 20 , 11.876 g. per liter 


NaaHPOi (cc.). . . 

0 . 2 s 

0.5 

1.0 

2.0 

3.0 

4.0 

5.0 

6.0 

7.0 

8.0 

9.0 

9.5 

KHjP04(cc.)... 

9.75 

9.5 

m 

8.0 

7.0 

6.0 

5.0 

4.0 

3.0 

2.0 

IQ 

0.5 

pH 

5.29 

5.59 

5.91 

6.24 

6.47 

6.64 

6.81 

6.98 

7.17 

7.38 

7.73 

8.04 


Acetic Acid-Acetate Solutions, by Walpole-Clark 


CHiCOOHmperl 

0.185 

0.176 


0.147 

0.126 

0.102 


0.059 

0.042 

0.019 

CHaCOOH m per 1 


0.024 

0.036 

0.053 

0.074 

0.098 



0.158 

0.181 

pH 

3.6 

3.8 


4.2 

IB 

m 

4.8 


m 

5.6 


Clark and Lubs, Borate Solutions 


X cc. of 0.2M NaOH 
added to 50 cc. of a 
mixture of 0.2 M 

cc. 

2.61 

3.97 

5.90 

8.50 


16.30 

21.30 

26.70 

32.00 

36.85 


43.90 

pH 

7.8 

8.0 

8.2 

8.4 

8.6 

8.8 

9.0 


9.4 

9.6 

9.8 

10.0 

HaBOa -H 0.2M KCl 
and diluted to 200 cc. 
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Appendix XIII 


INDICATORS 


Clark and Lubs’ List, Covering Range from Strong Acid to 
Strong Base 


Abbreviations: c, colorless; r, red; y, yellow; b, blue; pu, purple; o, orange; 
V, violet. 


Indicator 

Useful Range 

pH = 

Thymol blue 

r 1. 2-2.8 y 

Bromphenol blue 

y 3.0-4.6 b 

Bromcresol green 

y 3. 8-5.4 b 

Methyl red 

r 4.2-6.3 y 

Chlorphenol red 

y 5.0-6.6 r 

Bromcresol purple 

y 5. 2-6.8 pu 

Bromthymol blue 

y 6.0-7.6 b 

Phenol red 

y 6.8-8.4 r 

Cresol red 

y 7.2-8.8 r 

Metacresol purple 

y 7.6“9.2 pu 

Thymol blue 

y 8.0-9.6 b 

0-cresolphthalein 

c 8.2-9.8 r 


Indicators in Common Use 


Indicator 

pH Range 

Methyl orange 

r 3,1 - 4.4 y 

Resorcin blue 

r 4.4 - 6.2 b 

Litmus 

r 4.5 - 8.3 b 

Phenolphthalein 

c 8.3 -lO.Or 

Methyl violet 

y 0.15 - 3.2 v 

Trinitrobenzene 

c 12.0 - 14.0 o 
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Appendix XV 


SPECIFIC HEAT OF METALS 



M 1.3 l.B 1.7 1.9 2.1 2.3 2.6 2.7 logT 
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Appendix XVI 


COVALENT BOND ENERGIES AND ATOMIC 

RADII 


Values from Pauling. Nature of Chemical Bond. Cornell University Press, 1939 
Covalent Bond Energies 


Bond 

Energy 

kcal./mole 

Bond 

Energy 

KCAL./MOLE 

Bond 

Energy 

kcal./mole 

H— H 

103.4 

H— Cl 

102.7 

As — Cl 

60.3 

C— C 

58.6 

H— Br 

87.3 

As — Br 

48.0 

Si— Si 

42.5 

H— I 

71.4 

As— I 

33.1 

Ge — Ge 

42.5 

C— Si 

57.6 

0— F 

58.6 

N— N 

23.6 

C— N 

48.6 

0— Cl 

49.3 

P— P 

18.9 

C— 0 

70.0 

S— Cl 

66.1 

As — As 

15.1 

c— s 

54.5 

S— B 

57.2 

0—0 

34.9 

C— F 

107.0 

Se— Cl 

66.8 

s— s 

63.8 

C— Cl 

66.5 

Cl— F 

86.4 

Se — Se 

57.6 

C— Br 

54.0 

Br— Cl 

52.7 

F— F 

63.5 

C— I 

45.5 

I— Cl 

51.0 

Cl— Cl 

57.8 

Si— 0 

89.3 

I— Br 

42.9 

Br— Br 

46.1 

Si— s 

60.9 

C=C 

100 

I— I 

36.2 

Si— F 

143.0 

C^C 

123 

C— H 

87,3 

Si— Cl 

85.8 

C==0 

142 formaldehyde 

Si— H 

75.1 

Si— Br 

69.3 

C=0 

152 ketones 

N— H 

83.7 

Si— I 

51.1 

C=N 

94 

P— H 

63.0 

Ge— Cl 

104.1 

C=N 

150 cyanides 

As— H 

47.3 

N— F 

68.8 

c=s 

103 

0— H 

110.2 

N— Cl 

38.4 

0=0 

96 'AO* 

S— H 

87.5 

P— Cl 

62.8 

N=N 

170 normal Na 

Se— H 

73.0 

P— Br 

49.2 



H— F 

147.5 

P— I 

35.2 
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Tetrahedral Covalent Radii 


Element 

Radius in A 

Element 

Radius in A 

Be 

1.06 

As 

1.18 

B 

0.88 

Se 

1.14 

C 

0.77 

Br 

1.11 

N 

0.70 

Ag 

1.53 

0 

0.66 

Cd 

1.48 

F 

0.64 

In 

1.44 

Mg 

1.40 

Sn 

1.40 

A1 

1.26 

Sb 

1.36 

Si 

1.17 

Te 

1.32 

P 

1.10 

I 

1.28 

S 

1.04 

Au 

1.50 

Cl 

0.99 

Hg 

1.48 

Cu 

1.3S 

T1 

1.47 

Zn 

1.31 

Pt 

1.46 

Ga 

1.26 

Bi 

1.46 

Ge 

1,22 




Octahedral Radii 


Element 

Radius in A 

Element 

Radius in A 

Fe2 


Ir3 

1.32 

Co2 


Pt4 

1.31 

Co3 

1.22 

Ti4 

1.36 

Ni2 

1.39 

Zn^ 

1.48 

Ru2 

1.33 

Sn^ 

1.45 

Rh3 

1.32 

Pb^ 

1.50 

Pd^ 

1.31 

Se^ 

1.40 

As2 

1.33 














Appendix XVII 


TABLE OF CONVERSION FACTORS 


Values in agreement with International Critical Tables 


Length and volume 

X Meter = 39.37 in. = (100/2.54) in. 

1 Yard (U.S.) = 91.44018 cm. 

1 Yard (British) = 91.43992 cm. 

1 Liter = 1000.027 cm.^ 

1 Cubic foot (U.S.) = 28317.0 cm.^ 

1 Gallon (U.S.) = 3785.4 cm.^ 

1 Gallon (British) = 4546.1 cm.® 

1 Quart, dry (U.S.) = 1101-23 cm.® 

1 Quart, liquid (U.S.) = 946.358 cm.® 

1 Fluid ounce (U.S.) = 29.5737 cm.® 

Weight 

1 Grain = 64.799 mg. 

1 Ounce (avoirdupois) — 28.350 g. 

1 Pound (avoirdupois) = 453.59243 g. — 1000/2.2046223 
1 Ton, short (2000 pounds) = 907.185 kg. 

1 Ton, long (2240 pounds) - 1016.047 kg. 

Pressure 

1 Pound weight per sq. in. (U.S.) = 68947.3 dynes cm.“® 

1 Centimeter of water at 4® C. = 980.638 dynes cm.”® 

1 Inch of water at 4° C. (U.S.) = 2490.827 dynes cm.”® 

1 Centimeter of mercury at 0° C. = 13332.24 dynes cm.”® 

1 Inch of mercury at 0° C. (U.S.) = 33863.95 dynes cm.”® 
Density 

1 Gram per milliliter = specific gravity, t°/4° = 0.999973 
g. cm.”® 

1 Pound per cu. in. (U.S.) = 27.67974 g. cm.”® 

1 Pound per cu. ft. (U.S.) = 0.016018 g. cm.”® 

1 Pound per gal. (U.S.) = 0.1198257 g. cm.”® 

Energy 

1 Cubic centimeter-atmosphere 0.10133 = 0.101325 joules 
(absolute) 

1 Gram calorie (15®) =* 4.185 joules absolute 
1 British Thermal Unit (39° F.) = 1060.4 joules (abs.) 

1 British Thermal Unit (mean) = 1054,8 joules (abs.) 

1 British Thermal Unit (60° F.) — 1054.6 joules (abs.) 
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log = 1.9611371 
log = 1.9611350 
log = 3.0000117 
log = 4.4520474 
log - 3.5781157 
log = 3.6576376 
log = 3.0418770 
log = 2.9760557 
log = 1.4709057 

log = 1.8115677 
log - 1.4525458 
log = 2.6566658 
log = 2.9576958 
log = 3.0069138 

log = 4.8385173 
log = 2.9915090 
log = 3.3963436 
log - 4.1249031 
log - 4.5297377 


log = T.9999883 
log = 1.4221621 
log - 2.2046183 
log = 1.0785502 


log = T.0057167 
log « 0.6216955 
log = 3.0254697 
log = 3.0231701 
log = 3.0230878 
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Work 

1 Watt (International) « 1.00032 watt (absolute) log 

1 Kilogram-meter per sec. = 9.80665 watt (abs.) log 

1 Foot-pound per sec. (U.S.) — 1.355821 watt (abs.) log 

1 Horsepower (U.S., British) = 746.00 watt (abs.) log 


1 Horsepower (Continental Europe) = 736.00 watt (abs.) log 
1 Cheval-vapeur (75 kg.-m. per sec.) = 735.499 watt (abs.) log 
Temperature 

Fahrenheit F. = (5/9) {x - 32)*^ C. 

Reaumur R. = (5/4) ac® C. 


0.0001390 

0.9915207 

0.1322022 

2.8727388 

2.8660778 

2.8665820 



Appendix XVIII 


THE ELECTRON STRUCTURE OF THE ELEMENTS 


Atomic 

Number 

Element 

Number of Electrons in Each Quantum Group 

Is 

2s 

2p 

3b 

3p 

3d 

4s 

4p 

4d 

4f 

5s 

5p 

5d 

5f 

if 

6, 

6p 

6d 

7s 

7p 

1 

H 

1 




















2 

He 

2 




















3 

Li 

2 

1 



















4 

Be 

2 

2 



















5 

B 

2 

2 

1 


















6 

C 

2 

2 

2 


















7 

N 

2 

2 

3 


















8 

0 

2 

2 

4 


















9 

F 

2 

2 

5 


















10 

Ne 

2 

2 

6 


















11 

Na 

2 

2 

6 

1 

















12 

Mg 

2 

2 

6 

2 

















13 

A1 

2 

2 

6 

2 

1 
















14 

Si 

2 

2 

6 

2 

2 
















IS 

P 

2 

2 

6 

2 

3 
















16 

S 

2 

2 

6 

2 

4 
















17 

Cl 

2 

2 

6 

2 

5 
















18 

A 

2 

2 

6 

2 

6 
















19 

K 

2 

2 

6 

2 

6 


1 












i 


20 

Ca 

2 

2 

6 

2 

6 


2 












i 


21 

Sc 

2 

2 

6 

2 

6 

1 

2 














22 

Ti 

2 

2 

6 

2 

6 

2 

2 














23 

V 

2 

2 

61 

2 

6 

3 

2 












I 


24 

Cr 

2 

2 

6 

2 

6 

5 

1 










i 




25 

Mn 

2 

2 

6 

2 

6 

5 

2 














26 

Fe 

2 

2 

6 

2 

6 

6 

2 














27 

Co 

2 

2 

6 

2 

6 

7 

2 














28 

Ni 

2 

2 

6 

2 

6 

8 

2 














29 

Cu 

2 

2 

6 

2 

6 

10 

1 














30 

Zn 

2 

2 

6 

2 

6 

10 

2 














31 * 

Ga 

2 

2 

6 

2 

6 

10 

2 

1 













32 

Ge 

2 

2 

6 

2 

6 

10 

2 

2 













33 

As 

2 

2 

6 

2 

6 

10 

2 

3 




_ 


I- 




— 

— 
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4s 4p 4d 4f Ss 

5p 

5d Sf 5g 6a 

6p 

6d 


2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
2 2 6 
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Appendix XIX 


TABLE OF DENSITIES, MELTING POINTS, BOIL- 
ING POINTS, COLORS, AND SOLUBILITIES 
OF INORGANIC COMPOUNDS 


Values for densities are in grams per cc. Temperatures 15-25° C. Values 
for solubilities are in grams of anhydrous salt per 100 grams of water solution. 

Abbreviations for colors: bk, black; bl, blue; br, brown; c, colorless or white 
if finely divided; d, dark; gr, green; gy, grey; 1, light; or, orange; pk, pink; 
pu, purple; r, red; ro, rose; sil, silver; v, violet; w, white; y, yellow. 


Formula. 

Density 

Melting 
Point °C. 

Boiling 
Point ®C. 

Color 

Solubility in Water 

Aluminum 






A1 

2.71 

658.6 

2057 

gy-w 

sol. H+ and OH- 

Al20« 

4.00 

2045 

2977 

c 

V. si. sol. 

Al20a*H20 

3.41 

d. 360 


c 

0.0001(20") 

AKCsHjOs)* 


d. 


c 

sol. but hydr. 

Al(C*Ha02)st0H 




c 

si. sol. 

Al(Br0»)r9H20 


62.3 


c 

sol. 

AlBrs 

3.01 

97.5 

265 

c 

sol. 

Al^Cj 

2.36 

high 


y 

giv. A1(0H)5 + CH 4 

Ai(C10»)r<5H*0 


d. 


c 

V. sol. 

AlCl* 

2.44 

190 (2| at.) 

180.2 

c 

6 aq. 41.41(15") 

AIF* 

3.07 

1040 


c 

si. sol. 

Al(OH)» 

2.4 

d. 


c 

V. si. sol. 

Alla 

3,98 

191 

385.5 

br 

6 aq. V. sol. 

Al(NOa)r9HiO 


73 

d. 134 

c 

4 aq, 38.9(25") 

AIN 


2150 


gy 

not sol. 

A1P04 

2.59 

high 


c 

V. si. sol. 

A1*(S04)5 

2.7 

d. 770 


c 

18 aq. 26.6(20") 

AlNH4(S04)a-12Ha0 

1.64 

93 


c 

6.2(20"), 26.0(80") 

AlsSs 

2.02 

1100 

sub. 1550 

y 

hydr. 

A1T1(S04)s-12H50 

2.32 

91 


c 

5.1(15") 

AlK(S04)rl2H20 

1.76 

92 


c 

4.8(15"), 60.6(100") 

Al604'Sia04 

3.15 

d. 1810 


c 

V. si. sol. 

Ammonia 






NHs 

0.82(79") 

- 77.6 

- 33.4 

c 

47.5(0"), 6.9(100") 

NH 4 OH 


- 79 

d. 

c 

cf.NHj 

(NH4)20 


- 79 

d. 

c 


NH4CsH« 0* (acetate) 

1.07 

114.0 


c 

60(40") 

NH4H2A8O4 

2.31 



c 

sol. 

NH 4 ASO 2 




c 

V. sol. 

NHiBr 

2.33 


sub. 542 

c 

41.1(15"), 56.1(100") 
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Formula 

Density 

Melting 
Point °C. 1 

Boiling , 
Point ®C. 

C^OLOR 

Solubility in Water 

(NH4)2C0rH20 


d. 


C 

50(15“) 

NH 4 HCO 3 

1.S9 



c 

21(30“) 

NH 4 CI 

1.54 

d. 350 


c 

22.9(0“), 29.3(30“) 

NH 4 CIO 4 

1.95 

d. 


c 

20.8(20“), 57(100“) 

(NH4)2Cr04 

1.8 

d. 180 


y 

28(30“) 

NH 4 CNO 


d. 


c 

sol. 

NH 4 CN 


d. 36 


c 

sol. 

(NH4)2Cr207 

2.15 

d. 


r-br 

32(30“) 

NH 4 F 


d. 


c 

V. sol. 

NH 4 I 

2.56 

d. 

sub. 551 

c 

67(25“) 

NH 4 IO 1 

3.31 

d. 150 


c 

2.5(0“), 12.6(100“) 

NH4MgA804*6H20 

1.93 

d. 


c 

0.038(20“) 

NH4MgP04-6H20 

1.65 

d. 


c 

0.024(15“) 

<NH4)6M07024-4H20 


d. 


c 

sol. 

NH 4 NOS 

«1.66 

169.6 

d. 210 




fil.72 


d. 210 


70(30“) 

NH 4 NO 2 

1.69 

d. 


c 

sol. 

(NH4)2C204*H20 

1.50 



c 

4.2(20“), 9.3(50“) 

NH 4 MI 104 

2.21 

d. 60 


g 

8(15°) 

(NH4)2S208 

1.98 

d. 120 


c 

34(0“) 

(NH4)2PtCl6 

3.06 

d. 


y 

0.67(20“), 1.25(100“) 

(NH4)2PtCl4 


d. 


y 

sol. 

(NH4)2PdCl8 

2.42 

d. 


r 

si. sol. 

(NH4)2HP04 

1,62 

d. 


c 

V. sol. 

NH 4 H 2 P 04 

1.803 



c 

18.0(50“) 

(NH4)3P04l2Mo03 






• 3 H 20 


d. 


y 

0.03(15“) 

(NH4)2S04 

1.77 

d. 


c 

41.4(0“), 43.8(30“) 

(NH4)2S 


d. 


y 

V. sol. giv. HS 

(NH4)2SOs*H20 


d. 


c 

V. sol. 

<NH4)2Se 



d. 

br 

sol. 

NH 4 CNS 


146 

d. 170 

c 

5S(0“), 62(20“) 

(NH4)2C4H406 

1.60 

d. 


c 

5.9(15“) 

Antimony 






Sb 

6,68 

630 

1440 

gr 

not sol. 

HSbCOH)6 

6.6 

d. 


c 

si. sol. 

HsSbOt 


d. 


c 

V. si. sol. 

Sb20s 

5.67 

655 

1425 

c 

0.002(15“) 

Sb204 

4.07 

1060 


c 

V, si. sol. 

Sb205 

3.78 

450 

1060 

y 

V. si. sol. 

SbBrt 

4.15 

96,6 

280 

y 

sol. hydr. 

SbCU 

3.14 

73.4 

219 

c 

910 g./lOO g. HtO at 20" 

SbCU 

2.34 

4.0 

92 at 30 






mm. 

y 

hydr. 

SbFi 

4.38 

292 


c 

83(25") 

SbFs 

2.99 

7 

149.5 

c 

hydr. 

SbHs 

1. 2.26 

- 88 

- 18 

c 

0.12 (1 atm.p.) 

SbliTrig 

4.85 

167 

401 

y 

hydr. 

Sbls 


79 


br 


SbOCl 


d. 170 


c 

V. si. sol. 

Sb2CS04)3 

3.63 

d. 


c 

hydr. 

Sb2Ss 

4.64 

546 


bk.r 

0.000175 

SbtSs 

4.12 



or 

V. si. sol. 

Sb2Se3 


611 


gy 

V. si. sol. 

Sb2Tei 


629 


gy 


(Sb0)KC4H40« 






•iHzO 

2.61 

^ aq. 100 


c 

7.0(25“) 

Argon 

A 

1. 1.40 

- 189.3 

- 185.8 

c 

5, 6 cc.(0“) 

Arsenic 






As 

5.7 

817 (36 atm.) 

610 

sil 

not sol. 
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Formula 

Density 

Melting 
Point °C. 

Boiling 
Point °C. 

Color 

Solubility in Water 

HiAsO^aHsO 

2-2.5 

35.5 

1 aq, 160 

c 

sol. 

HiAstO; 


206 d. 


c 

sol. 

AssOs 

3.7 

218 sub. 


c 

2.04(25") 

AsaOs 

4.1S 

315 


c 

Cf. H 3 ASO 4 

AsBr* 

3.S4 

31 

221 

y 

sol. 

AsCh 

1. 2.16 

- 16.1 

122.0 

c 

sol. 

AsCls 


- 40 


c 

hydr. 

AsFa 

1. 2.66 

- 8.5 


c 

hydr. 

AsFs 


- 88.7 

- 58.2 

c 

hydr. 

AsHj 


- 113.5 

- 55 

c 

si. sol. 

Asl® 

4.39 

146 

403 

or-r 

6(25") 

AsOCl 




br 

sol. 

AssSs a, 0 

0:3.51 






/53.2S 

P3Q7 

565 

r 

V. si. sol. 

AsaSs 

3.43 

300 

700 

r & y 

0.00005 

AsaSs 


sub. 


y 

V. si. sol. 

Barium 






Ba 

3.78 

850 

1640 

y-w 

giv. Ba(OH )2 + Ha 

BaO 

5.72 

1923 


c 

8 aq. 3.36(20"). 47.6(80") 

BaOs 

4.96 

d. 


gy 

V. si. sol. 

Ba(C2H302)2*H20 

2.19 

d. 


c 

43.3(26") 

BaHAs04-H2O 

3.93 

d. 


c 

si. sol. 

Ba(Br0a)2-H20 

3.99 



c 

0.3(0"), 5.67(100") 

BaBr2‘2H20 

3.69 

an. 847 


c 

60(20") 

BaCOs a, /3 

a4.43 

^1740(90 atm.) 

d. 

c 

0.002(20"), 0.006(100") 

Ba(C103)2-H20 

3.18 

d. 120 


c 

21.5(25"), 33.9(100") 

BaClr2H20 

3.10 

an. 960 


c 

26.3(20"), 37.0(100") 

BaCrO^ 

4.98 



y 

0.00038(20") 

BaFa 

4.83 

1287 

1400 

c 

0.16(18") 

BaHa 

4.21 

d. 675 


c 

giv. Ba(OH )2 4* Ha 

Ba(0H)2-8H20 

2.13 

77,9 


c 

cf. BaO 

BadOajrHaO 

5.5 

aq. 130 


c 

0.028(20"), 0.20(100") 

Bala 

5.15 

d. 740 


c 

6 aq. 66.5(20") 

Ba(N03)2 

3.24 

585 

d. 

c 

1 aq. 38.6(20") 

BaC204 

2.66 

d. 


c 

2 aq. 0.0024(25") 

Ea(a04)2 


505 


c 

66.5(25") 

Ba(Mn04)2 

3.77 

d. 


gr 

62.5(11"), 75.4(25") 

BaMoOa 

4.65 



c 

0.0058(23") 

Ba3(P04)2 

4.11 

1727 


c 

V. si. sol. 

BaH4(P04)a 

2.90 



c 

sol. 

BaHP04 

4.16 



c 

0.01(20") 

BaaPaO? 

4.11 



c 

0.01 

BaS04 

4.50 

1350 


c 

0.00024(20") 

BaSOs 



d. 

c 

0.02(20") 

BaS 

4.25 

high 


gy-gr 

hydr. 

Beryllium 






Be 

1.73 

1350 

1500 

gr-w 

0.36(0") 

BeO 

3.03 

2400 

3900 

c 

2 X 10-6(20") 

Be(OH )2 


d. 


w 

hot. sol. 

BeBra 


490 

474 

c 

sol. 

BeC0s-4H20 


d. 100 


c 

0.36(0") 

BeCU 

1.90 

405 

487 

c 

V. sol. 

BeFa 

2.1 

ca. 800 


c 

giv. oxy-salt 

Bela 

4.20 

510 

sub. 

c 

sol. 

Be(NOs)2-3H20 


60 


c 

sol. 

BeC204-3H20 




c 

40 g./100 g. H 2 O at 25" 

BeS04*4H20 

Bismuth 

1.71 

2 aq. 100 

d. 

c 

29.8(25") 

Bi 

9.80 

271 

1420 

gy-w 

not sol. 

HBiOs 

5.75 

d, 120 


r 

1 

p 

__ BiiOi 

8.9 

817 

1900 

y 

V. si. sol. 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point ®C. 

Color 

Solubility in Water 

BiaOs 

5.10 

I d. 150 


r 

V. si. sol. 

Bi(OH)s 

4.36 

d. 100 


c 

0.00014 

BiBrs 

5.7 

218 

460.8 

y 

hydr. 

BiaOaCOrHaO 

6.86 

d. 


c 

V. si. sol. 

BiCh 




V 

d. 

BiClj 

4.7 

224 

441 

c 

hydr. sol. in HCl 

BiOCl 

7.72 

high 


c 

V. si. sol. 

BiOF 

1 7.5 



c 

V. si. sol. 

Bils 

5.7 

439 

d. 500 

gy-bl 

hydr. 

BiCNOOrSHaO 

2.83 

d. 30 


c 

V.S0I. in dil. HNOs 

BiONOrHaO 

4.93 

d. 260 


c 

V. si. sol. 

BiP04 

6.32 

d. 


c 

V. si. sol. 

BisSs 

7.39 

747 


br 

0.000018(18®) 

BiaCSOOs 

5.1 

d. 418 


1 c 

hydr. sol. in H 2 SO 4 

Boron 






B 

2.45 

2300 

2550 

1 br 

not sol. 

HsBOs 

1.43 

185 


c 

4.8(20®), 28.7(100“) 

BaOa 

1.85 

577 


1 ^ 

, cf. HaBOs 

BBrj 

1 . 2.60 

- 45 

91.0 


hydr. 

BeC 

2.6 

2350 


bk 

1 not sol. 

BCla 

1. 1.43 

- 107 

12.5 

c 

hydr. 

BFs 


- 128 

- 101.9 

c 

1.06 cc/cc H 2 O at 0®, 1 






atm. 

BaHe 


- 169 

- 92.4 

c 

si. sol. 

B 4 H 10 


- 112 

16 

c 

si. sol. 

BioHu 

0.94 

99.5 


c 

si. sol. 

Bis 

1. 3.35 

43 

210 

c 

hydr. 

BaSs 

1.55 

310 


c 

hydr. 

Bromine 






Bra 

3.4 

- 7.2 

58.78 

br 

4.0(0®), 3.3(25®) 

HBrOs 


d. 100 


1-y 

V. sol. 

BrCMOHaO 


d.7 


y 

V. sol. hydr. 

BrFs 


5 

135 

y 

hydr. 

Cadmium 






Cd 

8.6 

320.9 

765 

sil 

V. si. sol. 

CdO 

8.15 


1559 

br 

cf. Cd(OH) 2 *Sol. H+ 

Cd(OH)2 

4.79 

3.300 


c 

0.00026(25®) 

Cd(C2H302)a*3H20 

2.01 



c 

V. sol. 

CdBra 

5.19 

583 

963 

y 

4 aq. 48.8(18") 

CdCOs 

4.26 

d. < 500 


c 

V. si. sol. 

CdCh-Z.SHaO 

3.32 

an. 568 

967 

c 

56.3(30“) 

CdFa 

6.64 

1110 


c 

4.3(25®) 

Cdia a 

aS.67 

a388 

«796 

br 

a 46.0(18®) 

Cd(N03)2-4HaO 

2.45 

59.4 

132 

c 

58.4(30®) 

CdCaO* 

3.32 

d. 340 ! 


c 

0.0033(18") 

Cd3(P04)2 


1500 


c 

V. si. sol. 

CdSiOs 

4.93 

1242 i 

i 

c 1 

V. si. sol. 

SCdSOrSHaO 

3.09 



c 

43.4(26“), 1 aq. 60.8(100") 

CdSO* 

4.69 

1000 


c 


CdS 1 

4.6 

1750(100 atm.) 


y 

0.00013(18") 

Calctum 






Ca 

1.55 

851 

1487 

sU 

Ca(OH) 2 +H 2 

CaO 

3.32 

2707 


c 

cf. Ca(OH)a 

Ca(OH )2 

2.34 

d, 580 


c 

0.165(20"), 0.08(100®) 

Ca(C2Hs02)2-H20 


d. 


gy 

25.8(20"), 22.9(100") 

CaBra 

3.35 

730 

810 

c 

6 aq. 58.8(20") 

CaCa 

2.22 

2300 


gy 

giv. Ca(OH )2 4- CaH: 

CaCOs (Aragonite) 

2.93 1 


d. 

c 

0.00153(25") 

CaCOs (Calcite) 

2.71 

1282 

d. 

c 

0.00143(25") 

CaCla 

2.15 

772 


c 

cf, 6 aq. 

CaCla’dHaO 

1.68 

29.92 


c 

42.7(20"). 2 aq. 61.4(100") 
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Densitv 

Melting 
Point ®C. 

Boiling 
Point °C. 

Color 

Solubility in Water 

CaCrOi 



d. 

y 

2 aq. 14(20“) 

CaF* 

3.18 

1392 


c 

0.0016(18“) 

CaHs 

1.7 

d. 675 


c 

giv. Ca(OH)a + Hs 

Ca(C10)r4Hi0 


d. 


c 

V. aol. 

Cals 

3.96 

575 

718 

y-w 

6 aq. 67(20“) 

CaiNs 

2.63 

900 


1-br 

hydr. slowly 

Ca(NO»)s-4HsO «. 0 

al.82 

a42.7 

132 

c 

54.8(18“) 

CaCsO* 

2.2 

d. 


c 

0.0006(18“), 0.0014(95“) 

Ca(Mn04)s-4Hs0 

2.4 

d. 


PU 

V. sol. 

Ca*Pa 

2.51 

> 1600 


r 

giv. PHs 

Ca,(P04)s 

3.14 

1670 


c 

0.0025 

CaHP04*2H20 

2.31 

d. 


c 

0.02(25.4“) 

CaHiCPOOs-HsO 

2.22 

d. 


c 

1.8(30“) 

CaiPsOr 

3.09 

1230 


c 

si. sol. 

Ca(H2P02)8 


d. 


c 

sol. 

3Ca3(P04)rCaFCl 

3.14 

1270 


c 

V. si. sol. 

CaSO* 

2.96 

1297 


c 

cf. 2 aq. 

CaS04-2H20 

2.32 

2 aq. 163 


c 

0.208(25“) 

CaS 

2.81 



c 

hydr. 

CaSOs 




c 

0.17(15“) 

CaSe04-2H20 

Carbon 

2.76 



c 

2 aq. 7.6(20“) 

C (diamond) 

3.51 



c 


C (graphite) 

2,25 

3500 

4827 

bl 

V. si. sol. 

CO 

1. 0.81 

- 205 

- 191.5 

c 

0.0044(0“), 0.0018(50“) 

COs 

a. 1.53 

s. - 55.6 

- 78.5 

c 

0.335(0“), 0.145(20“). 

CiOs 

1. 1.10 




0.06(60“) 

1.11 

- 107 

6.3 

c 

giv. maloixic acid 

CBn 

1. 3.42 

/ 0:48.4 1 

1 1 1890.1 / 

189.5 

1 ^ 

V. si. sol. 

ecu 

* 1. 1.59 

1 - 24.0 

77.1 

c 

0.08(20“) 

CF4 



- 127.9 

c 

si. sol. 

Cli 

4.32 

d. 


r 

hydr. 

COS 

1. 1.24 

“ 138 

- 43,2 

c 

0.122(25“) 

CS* 

I. 1.26 

- 210.8 

46.3 

c 

0.18(20“) 

CsNs 

Cmum 

0.87 

- 27.1 

- 20.5 

c 

si. sol.: (CsNsln more sol. 

Ce 

6.9 

765 

1400 

gy 

V, si. sol. 

CesO* 

6.9 



c 

V. si. sol. 

CeOi 

7.3 

1950 


1-y 

V. si. sol. 

CeCla 

3.92 

848 


c 

sol. 

Ce*(COa)r5HsO 




c 

V. al. sol. 

CeF. 

5,8 

1324 


c 

V. si. sol. 

Ce(IO«)4 




c 

0.015(20“) 

Ce(N04)r6H30 


3 aq. 150 

d.200 

r 

sol. 

Ce(N0»)4 



y 

sol. 

Ce*(C204)r9HsO 


8aq. 110 


c 

4 X 10*6(25“) 

Cei<S04)» 

3.91 



c 

8 aq. 8.7(20“) 

Ce(S04)r4Ha0 

Cesium 




y 

sol. 

Cs 

1.90 

28.4 

690 

ail 

CsOH + Ha 

CsiO 

4.36 



or 

giv. CsOH 

CssOi 

4.25 

400 


gy 

d. 

CsOs 

3.77 

600 


y 

giv. CoOH + HOs- 

CaOH 

3.67 

272.5 


c 

79.4(15“) 

CsBr 

4.44 

636 

1300 

c 

55(25“) 

CssCOs 



d. 610 

c 

V. sol. 

CsCl 

3.97 

642 

1300 

c 

65(20“). 73(100“) 

CaF 

3.59 

715 

1251 

c 

1.5 aq. V. sol. 

Cal 

4.51 

621 

1280 

c 

28(0“), 51.5(35,6“) 

CaNOt 

3.68 

407 

d. 

c 

18.7(20“), 66.3(100“) 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point ®C. 

Color 

Solubility in Water 

CsiSOi 

4.24 

1010 


c 

61(20") 

Chlorine 






Cls 

s. 1.9 

- 101.6 

- 34.7 

1-y 

0.63(25") 

ClrSHsO 

1,23 

d. 9.6 


1-y 

1.85(20") Under P. 

HC10r7HaO 

1.28 

d. 


c 

V. sol. 

HCIO 4 

1. 1.77 

- 112 


c 

1 aq. 77.7(17") 

ChO 

0.00385 

- 20 

2.0 

y-r 

2 vol/vol HaO at 0* 

CIO 2 

0.00298 

- 76 

11 

r 

10.8(18") 

Chromium 






Cr 

7.1 

1545 

2482 

sil 

not sol. 

CrOi 

2.7 

d. 190 

d. 

r 

62.8(25") 

CraO* 

5.21 

1900 


gr 

V. si. sol. 

Cr(OH)a 




y-br 

evol.a H 

Cr(OH)r2HaO 




gr 

V. si. sol. 

CrCla 

2.75 



bl 

V. sol. 

CrCli 

2.7 



V 

70(25") V. slowly sol. 

CraCa 

6.68 

1890 

3810 

gr 

not sol. 

CrFi 

3.8 

> 1000 


gr 

V. sol. 

Cr(NOa;r9HaO 


36.5 


pu 

sol. 

Cr(P04)-3HaO 




bl.gr 

si. sol. 

CrS04-7H20 




bl 

12 g.7 aq/100g.HaO(0") 

Cra(S04)rl8Ha0 

1.7 

12 aq. 100 


V 

120 g. 18 aq/100 g. HaO- 






(20") 

CraSi 

3.7 



d-br 

hydr. slowly 

Cobalt 






Co 

8.9 

1490 

2900 

gy-w 

not sol. 

CoO 

5.68 

d. 1800 


br 

V. si. sol. 

CoaOi 

5.18 

d.900 


br 

V. si. sol. 

C 01 O 4 

6.07 



bl 

V. si. sol. 

CoCOHja 

3.60 

d. 


r 

V. si. sol. 

Co(OH)i 




bl 

3.2 X 10-* 

Co(C2Ha02)2*4H20 

1,72 



V 

sol. 

Coi(As04)y8H20 

2.9 



r 

V. si. sol. 

CoBra'dHaO 


d. 100 


r 

67(60") 

CoCOa 

4.13 

d. 


r 

V. si. sol. 

Co8(CO;8 

1.73 

51 

d. 135 

or 

V. si. sol. 

CoClr6HaO 

1.92 

an. 727 

an. 1050 

r 

33.3(20") 

Coda 

2.94 

d. 


r 

sol. 

Cola 

5.68 



V 

2 aq. 79(46") 

Co(NOa) 2 - 6 HaO 

1.88 

< 100 


r 

49.7(18") 

Coi(P04)a-8HaO 




1 -r 

V. si. sol. 

CoS04-7HaO 

1,95 

an. 989 


r 

26.6(20"). 45.3(100") 

C03(S04)s 




bl 

hydr. 

CoS 

5.45 

< 1100 


br 

0.00038 

Cciumbium 






Cb 

8,4 

1950 

3300 

gr 

not sol. 

CbaOa 

4.61 

1520 


c 

V. sol. 

CbFa 

3.29 

75.5 

225 

c 

hydr. 

CbCl* 

2.75 

194 

240.5 

y 

hydr. 

CbOCla 



8.400 

C 

sol.^ hydr. 

Copper 






Cu 

8.92 

1084 

2595 

r 

V. si. sol. 

CuaO 

6.0 

1230 

1800 

r 

V. si. soL 

CuO 

6.4 

d. 1026 at 153 






mm. Os 


bk 

V. si. sol. 

Cu(OH)a 

3.68 

d. 


bl 

V. si. sol. 

Cu(C 8 Ha 02 )*H 20 

1.88 

115 

d. 240 

gr 

18.5(21.5") 

CuS04-4NHrHaO 


d. 150 


bi 

sol. giv. Cu(NHa) 4 +^ 

Cua(As04)a*4Ha0 




bl-gr 

V. si. sol. 

CuHAsOa 


d. 


gr 

v.sol. 

CuBr 

4.72 

504 

1355 

br 

si. sol. 
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Formula 

Density 

Melting 
Point *C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

CuBra 


498 


bl 

sol. 

Cu2CO« 

4.40 

d. 


y 

V. si. sol. 

2 CuCOrCu(OH )2 

3.88 

d, 220 


bl 

V. si. sol. 

CuCl 

3.53 

430 

1490 

c 

1.5(25*) 

CuCla-2H20 

2.39 

d. 110 

d. 

gr 

43.5(20“) 

CuCh 

3.054 

498 

d. 

1-y 


CuCN 


474 


c 

V. si. sol. 

Cu2Fe(CN)6*7H20 


j 


r-br 

V. si. sol. 

Cul 

5.62 

605 

1336 

gy-br 

0.0004(18“) 

Cu(NO3)2*6H20 

2.05 

d. 26.4 i 

d. 

bl 

55.6(20“) 

Cu»(P04)2*3H20 




bl 

si. sol. 

CUS 04 

3.6 

d. 620 


c 


CuSOi-SHaO i 

2.29 


laq.d.230 

bl 

18.7)25“), 42.4(100“) 

CusS, Rhom. 

5.6 

1100 


bk 


CuaS, Cub. 

5.76 

1130 


bk 

0.00005(18“) 

CuS 

4.6 

d. 220 


bk 

0.000033(18“) 

CuCNS 

2.85 

1084 


c. 

V. si. sol. 

Fluorine 






Fa 

1. 1.14 

- 223 

- 188.2 

c 

d. Os + HF 

F 2 O 

1. 1.65 

- 223.8 

- 144.8 

c 

V. si. sol. 

Gadolinium 






Gd 





evol. Ha 

GdaOa 

7.41 



c 

V. si. sol. 

GdCU 

4.62 

628 


c 

sol. 

Gda ( 804)3 

4.14 



c 

8 aq. 2.4(25®) 

Gda (C 2 O 4 ) 3 * IOH 2 O 


d. 110 


c 

0.11(25“) 

Gallium 






Ga 

5.91 

29.5 

2071 

sil 

not sol. 

GaCla 


175 

535 

c 

V. sol. 

GaCU 

1. 2.37 

75.5 

217 

c 

V. sol. 

Germanium 






Ge 

5.36 

958.5 

2700 

sil 


GeOi 

4.70 

1000 



0.40(20“) 

<3eH4 

1. 1,52 

- 165 

-89.1 

c 

si. sol. 

GeaHft 

1. 1.98 

- 109 

29 

c 

si. sol. 

CJeCU 

1. 1.87 

- 49.5 

84 

c 

hydr. 

GeBr4 

1. 3.13 

26.1 

189 

gy 

hydr. 

GeU 

4.32 

144 

375 

y 

hydr. 

Gold 






Au 

19.3 

1063 

2966 

y-w 

not sol. 

AuaOs 


d. 160 


bl 

V. si. sol. 

AuOH 


d. 


r-br 

giv. AuaOa + Au 

Au(OH)» 


d. 250 


y-br 

V. si. sol. 

AuBr 


d. 115 


y-gy 

V. si. sol. 

AuBrs 


d. 160 


br 

sol. 

HAuBrvSHaO 


27 


r 

sol. 

AuCl 

7.4 

d. 289.5 


y 

V. si. sol. 

AuCU 

3.9 

d. 254 

S.265 

y-r 

40 

AU2CI4 

5.1 

d. 250 


r 

d. 

AuCN 


d. 


y 

V. si. sol. 

Au(CN)5-6H20 


d. 50 



V. sol. 

AuaS* 


d. 140 


bk 

V. si. sol. 

AuaSa 

8.75 

d. 197 


br 

V. si. sol. 

Au203*2S0rH20 





sol. 

HAu(N03)4*3H20 

2.84 

d. 72 


r-y 

sol. 

Hafnium \ 






Hf 

12.1 

1700 

> 3200 

r-gy 

not sol. 

HfOa 

9.68 

2812 


c 

V. si. sol. 

HfOCh-SHaO 




c 

sol. 

KaHfF* 




c 

3.0(20“) 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point "C. 

Color 

Solubility in Water 

Helium 






He 


- 272 

- 268.9 

c 

0.00858 vol/vol H20(20®) 



(Pressure) 




Hydrogen 






m 

1. 0.08 

~ 259.15 

- 252.7 

c 

1.93 X 10-*(0‘’) 






1.56 X 10-4(25“) 

HBr 

1. 2.16 

- 87.0 

- 66.7 

c 

65.9(25“) 

HCl 

1. 1.194 

- 114.2 

- 85 

c 

64.2(20“). 61.6(50“) 

HCN 

0.699 

- 13,1 

26 

c 

V. sol. 

HF 

1. 0.988 

- 83.0 

19.5 

c 

52.6-(3S“) 

HI 

1. 2.84 

- 50.8 

- 36.7 

c 

20.3-(10“) 

HNs 


- 80 

37 

c 

sol. 

H2S 

1. 0.96 

- 85.5 

- 60.3 

c 

0.38(20“) 

H2Se 

1. 2.12 

- 64 

-41.3 

c 

2.7 vol/vol H20(22.S“) 

HaTe 

1.2.57 ‘ 

- 49 

- 2.2 

c 

sol. 

H2O2 

1. 1.44 

- 1.7 

158 

c 

V. sol. 

H2O 

1.0(4”) 

0 

100 

c 


Iodine 






I2 

4.93 

113.0 

183 

pu-bk 

0.0181(11“), 0.092(55“) 

HIO5 

4.63 

d. no 


c 

Cf. I 2 OS 

HelOs 




c 

V. sol. 

IO2 

4.21 

d. 130 


y 

giv. HIOs + I2 

HOs 

4.80 

d. 300 


c 

2 aq. 71.7(16“) 

ICla 

1. 3.24 

27.2 

97 

r-br 

hydr. HID + Cl" 

ICllS 

1. 3.24 

13.9 


r-br 

i hydr. 

ICh 

3.11 

33 

s. 101 

y 

hydr. 




(16 atm.) 



IBr 

4.41 

42 

116 

pu-bk 

hydr. 

IFs 

1. 3.5 

- 8 

97 

c 

hydr. 

Indium 






In 

7.3 

156.4 

1450 

sil 

not sol. 

InaOs 

7.18 



1-y 

V. si. sol. 

InCla 

4.0 



c 

V. sol. 

Inis 


199 


y 

sol. 

In2{S04)8 

3.44 



c 

sol. 

Iridium 






It 

22.4 

2350 

4800 

sil 

not sol. 

Ir02 




gy 

V. si. sol. 

IrCh 


d. 775 


br 

V. sol. 

IrCl 

5.30 

d. 763 


d-gr 

sol. if hydrated 

IrCl4*2NH4Cl 

2.86 

d. 


d-r 

0.9(27“) 

IrCl3*3NH4Cl 




gr-br 

sol. 

Ir2(S04) s(NH4) 2 SO 4 






• 24 H 2 O 


106 


y-r 

sol. 

Iron 

Fe 

7.86 

1530 

2735 

gy 

not sol. 

FeO 


1380 


c 

V. si. sol. 

FeaOs 

5.12 

d. 1560 


r 

V. si. sol. 

Fes04 

5.2 

d. 1538 


bk 

V. si. sol. 

Fe(OH )2 




gr 

0.0096(18“) 

Fe(OH)s 

3.4-3.9 

1 aq. 500 


r-br 

V. si. sol. 

FeOH(C2Hs02)2 




r 

V. si. sol. 

FeS04(NH4)2S04 






• 6 H 2 O 

1.86 



bl-gr 

25.0(25“) 

FeAs 

7.83 

1020 


w 

v.sl.sol. 

FeBrs* 6 H 20 


27 


r 

v.sol. 

FeBra 

4.64 



r 

6 aq. 54.3(25“) 

FeCOs 

3.8 

d. 


gr-br 

0.0065(20“) 

FesC 

7.4 

1837 


gy 

not sol. 

Fe(C 0)5 

1.46 

- 21 

102.5 

gr 

v.sl.sol. 

Fear4H20 

1.93 


an. 1026 

1 gr-w 

I 41.5(25“) 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point °C. 

Color 

Solubility in Water 

FeClr6H20 


37 

280 

r-y 

47.9(20°) 

FeCla 

2.8 

319 

319 

r 


Fe4[Fe(CN)6]8 


d. 


bl 

V. si. sol. 

Fel2-4H20 

2.87 

(an.) 177 


gr 

V. sol. 

Fe(N03)2-6H20 


d. 60 


gr-w 

45.5(20°) 

Fe(N08)8*6H20 

1.68 

47.2 

d. 

gy 

V. sol. 

Fe2N 

6.3S 

d. 


gy 

not sol. 

FeC204-2H20 

2.28 

d. 160 


y 

0.022 

Fe3(C 204)3 


d. 100 



V. sol. 

FesP 

6.74 

1100 


gy 

not sol. 

Fe3(P04)2-8H20 

2..S8 



bl 

V. si. sol. 

FeP04-2H20 

2,87 



y 

V. si. sol. 

FeS04-7H20 

1.89 

64 

d. 

bl-gr 

21(20°) 

Fe2(S04)3-9H20 

2.1 



y 

V. sol. 

FeS 

4.8 

1195 


bl 

0.0006(18°) 

FeS2 

5.0 



y 

V. si. sol. 

Fe2S8 

4.3 

d. 


y-gr 

V. si. sol. giv, FeS -f S 

Fe(CNS)3*3H20 




r 

V. sol. 

Krypton 






Kr 


- 156.6 

- 152.9 

c 

si. sol. 

Lanthanum 






La 

6.15 

826 

1800 

gy 

La(OH)3 -f Ha 

La203 

6.51 

> 2000 

4210 

c 

giv. si. OH“ 

Laa(COs) s'SHaO 

2.7 



c 

V. si. sol. 

Lads 

3.9S 

907 


c 

sol. 

La(I08)8 




c 

1.7(25°) 

LaCNOa) 8*6H20 


40 

d. 126 

c 

60.2(25°) 

La2(S04)8*9H20 

2.82 

d. 


c 

2.91(0°), 1.86(30°) 

Lead 






Pb 

11,34 

327.4 

1744 

gy 


PbO 

9.53 

890 


y 

0.002(20°) 

Pb02 

9.38 

d. 290 


br 

V. si. sol. 

PbsO* 

9.1 

d. 500 


r 

V. si. sol. 

Pb(OH)2 


d. 145 


c 

0.016(20°) 

Pb(C2H302)2*2H20 

2,55 

d. 75 


c 

V. sol. hydr. 

Pb3(As04)2 

7.30 

1042 


c 

V. si. sol. 

Pb(C2H5)4 

I. 1.66 


83 






(14 mm.) 

c 

V. si. sol. 

Pb(B02)2-H20 

5.60 

high temp. 


c 

V. si. sol. 

PbBr 2 

6.66 

488 

914 

y 

0.455(0°), 4.55(100°) 

PbCOa 

6.6 

d.315 


c 

0.00015(20°) 

2PbC08-Pb(OH)2 

6.14 

d. 400 


1-y 

V. si. sol. 

PbCl2 

5.85 

498 

954 

c 

0.637(0°), 3.20(100°) 

PbCU 

1. 3.18 

- 15 

d. 

c 

hydr. evol. CI 2 

PbCrOi 

6.3 

844 


y 

7 X 10-«(20°) 

PbFj 

8.24 

824 

1290 

c 

0.068(27°) 

Pbl2 

6.16 

1 412 

822 

y 

0.044(0°), 0.434(100°) 

Pb(I08)2 


d.300 



0.003(25°) 

Pb(N08)2 

4.53 

' d. 470 


c 

34.3(20°) 

PbC204 

5.28 

d. 300 


c 

0.00015(18°) 

PbClrPbO 

7.21 

d. 524 


c 

V, si. sol. 

Pb8(P04)2 

ca7.1 

1014 


c 

0.000014(20°) 

Pb(P08)a 


800 


c 

V. si. sol. 

PbS 

7.5 

1114 

1281 

bk 

2.9 X 10-8(18®) 

PbSOi 




c 

V. si, sol. 

PbS04 

6.2 

1087 


c 

0.0042(20°) 

PbaOCSOO 

6.92 

977 


c 

V. si. sol. 

Pb{CNS)* 

3.82 

d. 190 


y 

0,5(20°) 

PbSiOt 

6.49 

766 


c 

V. si. sol. 

Lithium 






U 

0.53 

179 

1372 

sil j 

giv. LiOH + Ha 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

LiaO 

2.01 

> 1700 


c 

giv. LiOH 

LiOH 

2.54 

462 


c 

ILSdO**), 14.9(100*) 

LiC2H202*2H20 


70 • 

d. 

c 

75(15®) 

LiHCOs 




c 

5.5(13®) 

LiBr 

3.46 

552 

1310 

c 

2 aq. 66.2(34®) 

Li2COs 

2.11 

618 


c 

1.51(0“). 0.725(100®) 

LiCl 

2.07 

614 

1353 

c 

1 aq. 45.9(25®) 

LiC104 

2.43 

236 

d. 410 

c 

37.4(25®) 

LiF 

2.30 

870 

1670 

c 

0.26(18®) 

LiH 

0.82 

680 


c 

giv. LiOH + Hi 

Lil 


440 

1171 


3 aq. 62(20®) 

LiNHa 

1.18 

390 


c 

hydr. 

LiNOs 

2.4 

250 


c 

3 aq. 42.9(22®) 

Li3P04 

2.54 

837 


c 

0.04 

Li2S 

1.66 

847 


c 

V. sol. 

Li2S04 

2.22 

857 


c 

1 aq. 25.7(20®) 

LiaSiOs 

2.33 

1177 


c 

sol. 

Magnesium 






Mg 

1.74 

650 

1107 

w 

giv. Mg(OH )2 sloyrly 

MgO 

3.65 

2642 


c 

giv. Mh(OH )2 slowly 

Mg(OH)2 

2.36 

d. 


c 

0.0009(18®) 

MgCCaHaOa) 24 H 2 O 

1.45 



c 

V. sol. 

MgNH4As0*6H20 

1.93 

i d. 


c 

0.021(20®) 

MgNH4P04*6H20 

1.72 

d. 


c 

0.02 

MgBr 2 

3.72 

711 


c 

6 aq. 49.1(20®) 

MgCOs 

3.08 

d. 350 


c 

0.01(18®) hydr. 

3MgCO3-Mg(0H)2 






• 3 H 2 O 

2.18 



c 

V, si. sol. 

MgCl2*6H20 

1.56 

an. 712 

an. 1418 

c 

35.3(20®) 

MgF2 

3.0 

1396 


c 

0.009(20®) 

Mgh 

4.25 



c 

8 aq. 59.7(18®) 

Mg(N0s)2*6H20 

1.46 

95 

5 aq. 330 

c 

43.1(18®) 

MgC204-2H20 


d. 


c 

0.07 

MgHP04-3H20 

2.10 

! 


c 

0.3 

MgaPaQf 

2.60 

1383 


c 

V. d. sol. 

MgS04 

2,66 

1185 1 


c 


MgS04-7H20 

1.68 

d. 70 


c 

26.8(25®) 

MgS 

2.8 

d. 


gy 

hydr. 

Manganese 






Mn 

7.2 

1220 

2151 

gy-pk 

giv. Mn(OH )2 4* Hi 

MnaOr 

1. 2.4 

A 

1 

to 

0 

exp. 

r 

V. sol. 

MnO 

5.18 

1650 


gy-gr 

V. si. sol. 

MnaOs 

4.8 

d. 1080 


bk 

V. sol. si. 

MnOa 

5.02 



bk 

V. si. sol. 

Mn304 

4.7 

V. high 


bk 

V. si. sol. 

Mn(0H)2 

3.26 

d. 


1-pk 

0.002 

MnaOs’HaO 

3.26 

d. 


br 

V. d. sol. 

Mn(C2H302)-4H20 

1.59 



1-r 

3 

NH4MnP04-7H20 




c 

0.003 

MnBra 

4.38 



ror 

4 aq. 58.8(20®) 

MnCOa 

3.12 

d. 


TO 

0.0065(25®) 

MnCh 

2.98 

650 

1190 

pk 


MnCl2-4H20 

2,01 

d. 58.01 


r-or 

43.6(25®) 

MnFa 

3.98 

856 


TO 

0.18(25®) 

MnFs 

3.54 



r 

hydr. 

Mnh 

5.01 



ro 

V, sol. 

Mn(N03)2-6H20 

1.82 

d. 25.8 


ro 

63(25®) 

MnC204*2iH20 

2.43 

d. 150 


pk-ro 

0.03(25®) 

Mn3(P04)2-7H20 




ro 

si. sol. 

MnaPaO? 

3.71 



ro 

d. sol. 

MnSiOs 

3.48 

1273 


r 

V. si. sol. 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

MnS 

3.99 

d. 1620 


l-ro 

0.0007 

MnSs 

3.46 



r 

d. 

MnS04 

3.25 

700 


r 


MnSOrSHaO 

2.11 

d. 


ro 

39.3(25*) 

Mercury 






Hg 

14.19 

- 38.87 

356.9 

sil. 

not sol. 

HgaO 

9.8 

d. 100 


bk 

V. si. sol. 

HgO 

11.14 

d. 100 

d. 

y and 






r 

0.00515(25*) 

Hg(C2H302)s 

3.27 

d. 


c 

25 g./lOO g. H20(2S*) 

Hg3(As04)2 




y 

si. sol. 

Hg2Br2 

7.31 


s. 345 

y 

3.9 X 10-«(25*) 

HgBr 2 

6.05 

241 

319 

i-y 

0.6(25*) 

Hg2COs 


d. 130 


y 

V. si. sol. 

Hg2Cl2 

7.15 

302 

383.7 

c 

0.0003(25*) 

HgCh 

5.44 

277 

304 

c 

6.89(25*), 35.1(100“) 

Hg2Cr04 


d. 


r 

si. sol. 

Hg(CN)2 

4.00 

d. 


c 

8.5(20*) 

Hg2F2 

8.73 

570 


c 

sol. 

HgFa 

8.95 

d.645 

650 

c 

sol. 

Hg2l2 

7.70 

d. 290 

d. 

y 

2 X 10-8(25*) 

Hgl2 

6.27 

250 

354 

y 

0.004(17.5*) 

Hg2(N03)22H20 

4.78 

70 


c 

sol. 

Hg(N03)25H20 

4.3 

79 

1 

c 

sol. 

NHg2Br-3NH4Br 


d. 180 


c 

V. si. sol. 

Hg6(P04)2 




c 

V. si. sol. 

Hg8(P04)2 




wtoy 

V. si. sol. 

Hg2S 




bk 

V. si. sol. 

HgS 

aS.l 

8. 580 


r 



/S7.7 

S.446 


bk 

V. si. sol. 

Hg2(S04) 

7.56 

d. 

d. 

c 

0.06(25*) 

HgS04 

6.47 

850 


c 

sol. 

Mciyhdenum 






Mo 

10.2 

2620 

4804 

gy 

not sol. 

Mo03*2H20 

3.12 



y 

0.18(23*), 1.70(70*) 

M 0 O 2 

4.52 



r 

V. si. sol. 

M 02 O 3 




y tobl 

V. si. sol. 

MoOs 

4.50 

785 

1151 

y 

0.107(18*), 1.705(70*) 

MoCh 


d. 


y 

V. si. sol. 

MoCU 


d. 


w 

sol. 

Mods 


194 

268 

bl 

V. sol. 

MoFft 


17 

36 

c 

hydr. 

M 0 OF 4 

3.0 

98 

180 

c 

sol. 

M 0 S 2 

4.8 

1185 


bl 

V. si. sol. 

M 02 S 3 

5.91 



gy 

V. si. sol. 

MoSs 


d. 


r-br 

si. sol. 

Neon 






Ne 


- 248.5 

- 245.9 

c 

1.5 CC./100CC. H20(20*) 

Nickel 






Ni 

8.9 

1452 

2732 

sil 

not sol. 

NiO 

7.45 



gr 

V. si. sol. 

Ni304‘2H20 

3.41 



1 gy 

V. si. sol. 

Ni02-xH20 


d. 


bk 

1 V. si. sol. 

Ni(OH)2 

4.36 



gr 

0.0013 

Ni(C2H 302)2 

1.80 

d. 


gr 

sol. 

NiClsNH4Cl-6H20 

1.64 



gr 

V. sol. 

NiS04*(NH4)2S04 






•6H20 

1.92 



i gr 

25(3.5*) 

Nis(As04)2 

4.98 



y 

V. si. sol. 

NiBr 2 

4.64 



y 

6 aq. 57.3(25*) 

NiCOs 


d. 


i 1-gr 

0.0093(25*) 
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Formula j 

Density 

Melting 
Point “C. 

Boiling 
Point ‘’C. 

Color 

Solubility in Water 

2NiC03-3Ni(0H)2 






• 4 A 2 O 


d. 


I-gr 

V. si. sol. 

Ni(C0)4 

1.1.31 

-25 

43 

c 

0.018(9.8“) 

NiCh 

3.S4 


987 

y 

53.8(0®), 87.6(100®) 

Ni(C10»)2-6H20 

2.07 

d.80 


d-r 

V. sol. 

Ni(CIOi;r6NHs 

1.52 

180 



giv. Ni(NHs)4++ 

Ni(CN)2*4H20 


4 aq. 200 


gr 

sol. 

Nih 


s. 


bl 

6 aq. 59.7(20®) 

Ni(N0s)2-6H20 

2.05 

d. 56.7 


gr 

V. sol. 

NhP 

6.31 

1112 


gy 

not sol. HNOs 

Ni(H2P02)2-6H20 

1.82 

d. 


gr 

sol. 

Nij(P04)2-7H20 




gr 

V. si. sol. 

NiS 

4.6 

797 


bk 

0.00036(18®) 

NiS04 

3.68 

d. 840 


y 


NiS04-7H20 

1.948 

99 


gr 

25.5(15®) 

Nitrogen 






N 2 

1. 0.83 

- 209.96 

- 195.8 

c 

0.0019(20®) 

HNO 5 

1. 1..502 

- 47.1 

86 

c 

V. sol. 

NO 

1. 1.27 

- 163.6 

151.7 

c 

0.0056(25®) 

N02(N204) 

1. 1.45 

- 9.3 

21.3 

y-br 

giv. HNO 2 -h HNO» 

N 2 O 

1. 1.23 

- 102.4 

- 88.5 

c 

0.121(20®) 

N 2 O 5 

1. 1.45 

- 102 

3.5 

bl 

giv. HNOa 

N20i 


30 

32.5 

c 

giv. HNOs 

NH2-NH2 

1. l.Ol 

1.4 

113.5 

c 

V. sol. 

N 1 H 4 H 2 O 

1. 1.03 

1 

V 

118.5 

c 

V. sol. 

NiH4-2HNO» 


104 


c 

V. sol. 

N2H4-HC1 


89 


c 

sol. 

N2H4*2Ha 

1.42 

198 


c 

sol. 

N 2 H 4 HCIOS 


exp. 80 


c 

sol. 

NtH4H2S04 

1.37 

254 


c 

3.0(22®) 

NH 2 OH 

1.35 

34 

56.5 

c 

sol. H 2 O, alcohol 

NH20H-HC1 

1.67 

151 


c 

sol. 

(NH20H)2H2S04 


170 


c 

sol. 

NjH 


- 80 

37 

c 

sol. 

NH 2 NO 2 


d. 72 


c 

hydr. 

NOF 


- 134 

- 56 

c 

gw. HNOa -h HF 

NCli 

I. 1.65 


< 71 

y 

hydr. 

NOCl 

1. 1.41 

- 64.5 

- 6.4 

y-r 

si. sol. 

NOBr 


- 55.5 

- 2 

d-br 

hydr. 

NOBrs 

1. 2.64 

- 40 

ca. 32 

br 

hydr. 

NHjl2 

1. 2.46 

- 2 

d. 15 

d-br 

V. si. sol. 

NI 2 NH 3 

3.5 

d. > 20 


d-br 

V. si. sol. 

NiSu 

1. 1.90 

11 


r 

d. 

N 4 S 4 

2.22 

178 

s. 135 

y-r 

giv. NHs, SO 2 , HaSaO# 

N20j*2S02 

2.14 

230 

357.3 

c 

hydr. 

N02S0*H 


d. 73 


c 

hydr 

S02(NH2)2 


92 


c 

hydr. 

NH 2 S 03 H 

2.03 

d. 205 


c 

hydr. 

NH(S0*NH4)2 

1.96 

357 


c 

giv. (NH4)3S04 

Osmium 






Os 

22.48 

2700 

> 5300 

bl 

not sol. 

OSO 2 

7,9 



bl-r 

v. si. sol. 

0s04W 

4.91 

42.0 

130 

y 

5.8(15®) 

0s04y 


39.5 

130 

c 


OsCi 2 




gr 

si. sol. 

OsCl* 




br 

si. sol. 

OsCh 




r to y 

si. sol. 

OsF« 



203 


hydr. 

OsFs 


34.5 

47.3 

c 

giv. Os04 

OSS 2 




y 

si. sol. 

OsS4 


d. 


bl 

not sol. .. 


532 


APPENDIX XIX 


Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

Oxygen 

O 2 

1. 1 13 

- 218.7 

- 183.0 

1 -bl 

0.00434(20*), 0.00079 






(90*) 

Oa 


- 251.4 

~ 111.1 

bl 

0.0026(15*) 

Palladium 






Pd 

12.0 

1555 

2200 

sil 

not sol. 

PdO 


d. 877 


bk 

V. si. sol. 

PdOa 


d. 200 


bk 

V si. sol. 

Pd(OH )2 




br 

V. si. vol. 

PdBrs 




br 

V. si. sol. 

PdCl 2 


d. 500 


d-br 

si. sol. 

Pdl 2 


d. 350 


bk 

V. si. sol. 

Pd(N08)2 


d. 


y 

sol. 

PdS 


950 


bk 

V. si. sol. 

PdaS 

7.3 

d. 800 


gr 


PdSa 


d. 


br 

V. si. sol. 

PdS04-2H20 




br 

V. sol. 

(NHdaPdCU 

2.17 



y-gr 

sol. 

(NHOaPdCls 

2.42 



r 

si. sol. 

Pd(CO) 2 Cl 2 


1.42 


y-r 

d 

Phosphorus 






P 4 yellow 

1.82 

44.2 

280 

y 

0.0003(15*) 

P 4 red 

2.35 

590 (43 atm.) 

s. 417 

r 

V. si. sol. 

P 2 O 3 

2.13 

23.8 

173 

c 

giv. H,POa 

P 2 O 4 

2.53 

> 100 

s. ca. ISO 

c 

giv. HsPO, 

PaOs 

2.39 

569 

591 

c 

giv. HsPO, 

HaPO* 

1.65 

73.6 

d. 200 

y 

V. sol. 

H 3 PO 2 

1.49 

17.4 

d. 

c 

V. sol. 

HjPOa 

1.83 

42.35 

d. 

c 

86(24*) 

HPOs 

2.2-2.5 

sub. at w. heat 


c 

sol. 

H 4 P 2 O 7 


55 


c 

89(23*) 

PBrj 

1. 2.85 

- 40 

172.9 


hydr. 

PBrs 



106 

y 

hydr. 

PCU 

1. 1,57 

- 111.8 

74.2 

c 

hydr. 

PCU 


148 

162 

1-y 

hydr. 

P 2 C 14 


i - 28 

180 

c 

hydr. 

POCU 

1. 1.67 

1 1.1 

105.1 

c 

hydr. 

PH^Cl 


28 (46 atm.) 


c 

sol. 

PF, 

3.02 

- 160 

- 95 

c 

hydr. 

PFi 

4.49 

- 83 

- 75 

c 

hydr. 

POFa 

3.63 

~ 68 

- 40 

c 

hydr. 

PH, 

1. 0.75 

- 132.5 

- 87.5 

c 

$1. sol. 

P 2 H 4 

1. 1.01 

< - 10 

57.5 






(735 mm.) 

c 

V. J5l. sol. 

PI, 


61 



hydr. 

PtU 


110 


1 r 

hydr. 

PHJ 



s. 61.8 






(708) 

c 

sol. 

P 2 S, 


290 

490 

gy-y 

d. 

P 2 S 6 

2.03 

276 

514 

gy-y 

d. 

P 4 S 8 

2.03 

172.5 

407.5 

y 

not. sol. d. by hot water 

PSBr, 

2.85 

38.0 



hydr. 

Platinum 






Pt 

21.45 

1770 

4407 

sil-gy 

not sol. 

PtO 


5SS 


v-bk 

V. si. sol. 

Pt02 


430 


bk 

V. si. sol. 

Pt(OH)2 


d. 


bk 

V. si. sol. 

PtBr 2 


d. 300 


br 

V. si. sol. 

PtBr, 


d. 180 



0.41(20*) 

PtCla 

5.87 

d, 581 


gr-gy 

V. si. sol. 

PtClrSHaO 

2.43 

d. 


r 

V. sol. 
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Formula 

Density 

Melting 
Point *C. 

Boiling 
Point **0. 

Color 

Solubility in Water 

HaPtCle-HjO 

2.43 

d. 


r-br 

sol. 

Ptij 


d. 325 


bk 

V. si. sol. 

Ptl4 


d. 100 


br-bk 

sol. 

PtPaO? 

4.85 

d. > 600 


gr-y 

V. si. sol. 

PtS 

8.90 

d. 


bk 

V. si. sol. 

PtSs 

S.27 

d. 


y-br 

V. si. sol. 

Pt(S04)a*4H40 




y 

sol. 

Potassium 






K 

0.86 

63.5 

774 

sil 

giv. KOH + Ha 

KaO 

2.32 



gy 

giv. KOH 

KOa 


> 280 


y 

giv. KOH +Ha02 +08 

KH 

0.80 

d. 


c 

giv. KOH + Ha 

KOH 

2.04 

360 

1327 

C 

2 aq. 53(22®), 1 aq. 66 






(110®) 

KC 2 H 3 O 2 

1.8 

292 


C 

255 g./100 g. H20(20®) 

KaAUOrSHaO 




c 

sol. 

KSbOs 




C 

si. sol. 

KSb0C4H406*iH20 

2.61 



C 

7.85(25®) 

KaAs04 




c 

sol. 

KH 2 ASO 4 

2.87 

288 


c 

15.9(6®) 

KAsOa 




c 

sol. 

KAuCU 


357 


y 

38.2(20®) 

K2B407-5H20 


5 aq. red heat 


c 

sol. hydr. si. 

KBrOa 

3.27 

d. 370 


c 

3.1(0®), 11.7(40®) 

KBr 

2.75 

742 

1380 

c 

39.4(20®), 51.2(100®) 

KaPtBre 

4.66 

d. > 400 



2.0(20®) 

KaCOs 

2.29 

897 


c 

2 aq. 53(25®) 

KHCOj 

2.17 

d. 


c 

18.3(0®), 28.1(30®) 

KCl 

1.99 

770 

1407 

c 

22.0(0®), 25.8(25®) 

KCIO 


d. 


c 

V. sol. 

KCIO* 

2.32 

368 


c 

3.2(0"), 9.2(30®) 

KCIO 4 

2.52 

d. 400 


c 

0.7(0®), 15.8(100®) 

KaPtCls 

3.50 

d. 250 


y 

0.5(0®), 5(100®) 

K2Cr04 

2.73 

975 


y 

38.6(20®) 

KaCraO? 

2.69 

398 


r 

4.7(0®), 50.5(100®) 

KaCo(N02)s-HH20 


d. 200 


y 

0.09(0®) 

KCN 

1.52 

623 


c 

V. sol. 

KCNO 

2.05 



c 

sol. 

KAg(CN)2 




c 

12.5 

K«Fe(CN)« 

1.89 



r 

29.0(15.6®) 

K4Fe(CN)6*3H20 

1.85 

3 aq. 70 


1 y 

19.7(20®), 39(75®) 

KF 

2.48 

857 

1500 

c 

2 aq. 49(21") 

KBF 4 

2.50 

d, 500 


c 

sol. 

3KF-A1F4 


1035 


c 

sol. 

KaSiFe 

2.66 



c 

0.12(17.5®), 0.95(100®) 

KI 

3.12 

682 

1324 

c 

59.0(20®) 

KIj 

3,50 

45 

d. 225 

br 

sol. 

KIOs 

3.89 

560 


c 

7.5(20®) 

KIO 4 

3.62 

582 


c 

0.66(13®) 

KaMn04 


d. 190 


d-gr 

sol. 

KMn04 

2.70 

d. < 240 


pu 

7.1(25®), 20(65®) 

K 2 M 0 O 4 


919 


c 

V. sol. 

KNOi 

1.91 

297 

d. 350 

c 

75.8(25®) 

KNOs 

2.11 

338 

d.400 

c 

24.9(20®), 71(100®) 

KNHn 


338 


c 

hydr. 

KaCaOi-HiO 

2.13 



c 

27.4(25®) 

K«P04 


1340 


c 

si. sol. 

KaHP04 


d. 


c 

V. sol. 

KH 2 PO 4 

2.34 

96 

d.>200 

c 

25 g./lOO g. HaO(7®) 

K 4 P 2 O 7 

2.33 

1090 


c 

sol. 

KaHPOi 


d. 


c 

V. sol. 
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Formula 

Density 

Melting 
Point “C. 

Boiling 
Point ®C. 

Color 

Solubility in Water 

KaSiOs 


976 


c 

sol. 

K2S€04 

3.07 



c 

52.6(18°) 

KsS 

1.80 

471 


br 

sol. hydr. 

K 2 S 5 


206 


y 

V. sol. 

K2S03-2H20 


d. 


c 

V, sol. 

KHSO 4 

2.35 

210 


c 

V. sol. 

K 2 SO 4 

2.66 

1074 


c 

10.75(25°), 19.4(100°) 

K 2 S 2 O 7 

2.28 

> 300 


c 

sol. 

K 2 S 2 O 8 


d. < 100 


c 

1.6(0°), 5.0(20°) 

KCNS 

1.89 

179 


c 

V. sol. 

K2C4H406*JH20 

1.98 



c 

59(17°) 

K2W04-2H20 

3.12 

an. 927 


c 

sol. 

KRe04 

4.89 

350 



1.2(20°) 

Praseodymium 






Pr 

6.5 

I 921 


gy 

evol. Ha 

PraOs 

6.87 



y-gr 

si. sol. 

PrCls 

4.02 

823 


gr 

51(13°) 

Pr2S5 

5.04 



br 

d. 

Pr2(S04)* 

3.72 



gr 

8 aq. 12.4(18°) 

Radium 






Ra 

5 

! 960 

1140 

sil 

evol. Ha 

RaBrs 

5.79 

728 


y 

sol. 

RaCla 

4.91 

1000 


c 

sol. 

Rhenium 






Re 


3440 


sil 

not sol. 

ReaOr 

8.2 

296 

362.4 

y 

sol. 

Rhodium 






Rh 

12.5 

1955 

> 2500 

gy-w 

not sol. 

RlxO 




gy 

V. si. sol. 

3^20s 




gy 

V. si. sol. 

RhOa 




br 

V. si. sol. 

Rh(OH)» 


d. 


bk 

V. si. sol. 

RhCl* 


d.475 


r 

sol. if hydrated 

Rh(N03)2-2H20 




r 

sol. 

Rh2(S04jrl2H20 




1-y 

V. sol. 

RhS 


d. 


bl 

V. si. sol. 

Rubidium 






Rb 

1.53 

39.0 

679 

sil 

1 giv. RbOH + H» 

RbaO 

3.72 

d.400 


c 

giv. RbOH 

RbaOa 

3.65 

600 


y 

giv. RbOH + HaOa 

RbOa 

3.05 

280 


y 

giv. RbOH + HaOa + Oa 

RbOH 

3.20 

300 


c 

36.4(30°) 

RbBr 

3.35 

677 

1352 

C 

51.2(16°) 

RbsCO* 


837 


c 

V. sol. 

RbCl 

2.76 

717 

1381 

c 

47.7(20°) 

RbF 


833 

1410 

c 

sol. 

Rbl 

3.55 

638 

1300 

c 

60(17°) 

RbNOs 

3.11 

305 


c 

34.8(20°) 

RbaS 

2.91 



c 

V. sol. 

RbaSOi 

3.61 I 

1060 : 


c 

32.5(20°) 

Ruthenium 






Ru 

12.2 

2450 

> 2700 

gy 

not. sol. 

RuaOs 




bl-bk 

V, si. sol. 

RuOs 

7.2 



V 

V. si. 

Ru04 

5.77 

25.5 

100.8 






183 mm. 

y 

si. sol. 

Ru(OH)s 




bk 

V. si. sol. 

RuCh 




br 

sol. 

RuSa 




bk 

V. si. sol. 

RuSi 

5.4 



w 

V. si. sol. 
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Density Poiot"°C. Solubility in Water 


Scandium, 

Sc 

Sc20s 

ScCls 

Sc(N03)3 

SC2(S04)5 

Selenium 

Se 

HaSeOs 

HsSe04 

Se02 

Silicon 

Si 

HaSiOa 
H4Si04 
SiOa, quartz 
S 1 O 2 , glass 
SiBr4 
SiC 

SiCl4 

SiF4 

SiH4 

SijHe 

SisHs 

Si4Hio 

Sil4 

Silver 

Ag 

AgaO 

AgaOa 

AgCaHsOa 

AgsAsOs 

Ag3As04 

AgBr 

AgBrOs 

AgaCOs 

AgClOa 

AgC104 

AgCl 

AgaCr04 

AgaCraOi 

AgCN 

AgCNO 

Ag3Fe(CN)e 

Ag4Fe(CN)«*H80 

AgNOa 

AgF 

Agl 

Agio* 

AgNa 

AgNOa 

AgaCaOi 

AgMn04 

AgaPa 

AgPOa 

AgaPOa 

Ag4P207 

AgaS 

AgaSOa 

AgaSO* 


cristobalite 1700 


961 
d. 300 
d. > 100 
d. 

d. 150 


d. 140 
435 
557 
> 200 
exp. 251.5 
209 

ex. 140 
d. 
d. 

482 

849 

585 

842 


2400 sil evol. H 2 

C V. si. sol. 

C V. sol. 

c sol. 

c 5 aq. 28.5(25") 

680 gy not sol. 

c 62.5(20") 

C V. sol. 

s. 317 c giv. H2Se08 

2287 gy not sol. 

c si. sol. 

c si. sol. 

c V. si. sol. 

2230 c V. si. sol. 

153 c hydr. 

s. 2210 

diss. V. si. sol. 

57 c hydr. 

— 94.8 hydr. 

— 112 c si. sol. 

— 14.3 c si. sol. 

53 c si, sol. 

100 c si. sol. 

290 c hydr. 

2212 sil not sol. 

br 0.00215(20“) 
bk V. si. sol. 
gr 1.021(20"), 2.52(80“) 
y 0.00115(20") 

d-r 0.00085(20") 

1-y 8.4 X 10"« 

c 0.159(20") 

c 0.002 

d. 270 c sol. 

c 84(25") 

1564 c 0.00015(20") 

d-r 0.0025(18") 
r 0.0083(15") 

c 0.00002(25") 

c 0.003(18") 

or 0.00007(20") 

y V. si. sol. 

c 0.4(25") 

y 4 aq. 57.5(15") 

1506 y 2.5 X 10-7(25") 

c 0.0038(18") 

bk V. sL sol. 

d. 444 c 68.3(20") 

c 0.004(25") 

bl-bk 1.5(25") 

gy V. Sl. sol. 

V. sl. sol. 

1-y 0.0006(25") 

c V. sl. sol. 

bk V. sl. sol. 

c sl. sol. 

c 0.8(25") 
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Formuia 

Density 

Melting 
Point "C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

AgCNS 




c 

0.00002(25®) 

Sodium 






Na 

0.97 

97.5 

892 

Sll 

giv. NaOH & H 2 

Na20 

2.27 



gy 

giv. NaOH 

NaaOs 


d. 30 


y-w 

giv. NaOH & HO 2 - 

NaOH 

2.13 

322 

1378 

c 

1 aq. 51.7(25“) 

NaC 2 H*Os 

1.53 

324 


c 

46 g./lOO g. H20(20®) 

NaAlOs 


1650 


c 

sol. 

NaSb(OH)6 




c 

0.03(12®) 

NasAs04*12H20 

1.76 

86.3 


c 

10.4(17®) 

Na2HAs04-12H20 

1.72 

28 


c 

27(21®) 

Na 2 HAsOa 

1.87 



c 

V. sol. 

NaB02 


966 

> 1400 

c 

sol. 

Na2B407’ lOHsO 

1.73 

75 

d. 200 

c 

1.6(10“) 5 aq, 34(100®) 

NaBr I 

3.20 

747 

1390 

c 

2 aq. 47.5(20®) 

NaBrOs 

3.34 

381 


c 

27.7(20®) 

NaeCOs 

2.53 

854 


c 


Na2COrH20 i 

1.55 



c 

31(100®) 

Na2CO3*10H2O 1 

1.46 



c 

23.0(25®) 

NaHCOs 

2.20 



c 

8.8(20“) 

NaClOs 

2.49 

255 


c 

50(20") 

NaC104 i 


482 


c 

sol. 

NaCl 

2.16 

800 

1465 

c 

26.4(20®), 28.2(100®) 

NaC10-2.SH20 ! 


57.5 


c 

V. sol. 

Na2PtCl4-4H20 


d. 100 


r 

sol. 

Na2PtCl6-6H20 

2.50 



r 

sol. 

Na2CrO4-10H2O 

1.48 



y 

33.4(10®) 

Na2Cr207*2H20 

2.52 

320 


r 

64.3(20®) 

NaCN 


562 

i 1496 

c 

V. sol. 

NaCu(CN )2 

1.01 

d. 100 


c 

sol. 

Na3Fe(CN)6H20 




r 

sol. 

Na4Fe(CN)fl‘10H2O 

1.46 



y 

20.07(25®) 

Na 2 Fe(CN) 6 NO 






• 2 H 2 O 

1.72 



r 

V. sol. 

Na2CbOa 

4.19 



1-y 

sol. 

NaF 

2.79 

992 

1700 

c 

4.3(18®) 

3NaF-AlF8 

2.90 

1000 


c 

sol. 

NaeSiFs j 

2.68 



c 

0.65(17.5®), 2.4(100®) 

NaCH02 I 

1.92 

253 


c 

46.9(21®) 

NaH I 

0.92 



c 

giv. NaOH + Hg 

Nal 

3.67 

662 

1300 

c 

2 aq. 64.8(25®) 

NalOa 

4.27 

d. 


c 

2.4(0®), 25.3(100") 

Na2MnO4-10H2O 


d. 


gr 

V. sol. 

Na2Mo04 


687 


c 

2 aq. 39.4(20®) 

NaNH 2 


210 


c 

hydr: 

NaN02 

2.17 

271 

d.320 

c 

44.9(15®) 

NaNOs 

2.57 

310 


c 

46.8(20®) 

Na2C204 




c 

3.1(15®), 4.3(50®) 

NaH2P02*H20 




c 

sol. 

Na2HP03-5H20 




c 

sol. 

NaPOs 

2.48 

988 


c 

si. sol. 

NaH2P04*H20 

2.07 

d. 190 


c 

2 aq. 48(25®) 

Na2HP04*12H20 

1.52 

34.6 


c 

11(25®) 

Na*P04*12H20 

1.62 

an. 1340 


c 

V. sol. 

Na4P207*10H20 

1.82 

an. 970 


c 

3.1(0"), 23.1(80®) 

NaKC03-6H20 

1.63 

6 aq. 100 


c 

v. sol. 

Na2Se04 

3.10 



c 

10 aq. 30.3(20®) 

Na2Si03 


1088 


c 

V. sol. 

Na2Si409 




c 

V. sol. 

Na 2 Sa(OH)« 




c 

37(20") 

Na2S 

1.85 

920 


y i 

9 aq. 16.2(22®) 
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Formula 

Density 

Melting 
Point ®C. ] 

Boiling 
Point ®C. 

Color 

Solubility in Water 

Na2S5 


251.8 


y 

V. sol. 

Na 2 SOs 

2.63 



c 

7 aq. 20.1(18*) 

Na3S20r5H!tO 

1.68 

d. 48.0 


c 

41-2(20*), 2 aq. 73(100*) 

NaHS04 

2.74 

> 315 


c 

V. sol. 

Na2S04 

2.69 

884 


c 

29.9(100*) 

Na2SO4-10H2O 

1.46 

d. 32.4 


c 

16.1(20*) 

NaCNS 


323 


c 

V. sol. 

Na2C4H408*2HiO 

1.82 



c 

V. sol. 

Na8V04 


ca. 866 


c 

sol. 

Na2W04 

4.18 

702 


c 

2 aq. 42.2(20*) 

NaMn04*3H20 

2.46 

d. 170 


pu 

V. sol. 

NaRe04 


300 


c 

20 ( 20 *) 

Strontium 






Sr 

2.6 

757 

1384 

sil 

giv. Sr(OH )2 + H* 

SrO 

4.7 



gy-w 

giv. Sr(OH )2 

Sr(OH )2 

3.62 



c 

8 aq. 0.4(0*), 21.8(100*) 

SrBr 2 

4.22 

643 


c 


SrBr 2 ‘ 6 H 20 

2.36 

d. 20 


c 

50.0(20*) 

SrCOs 

3-70 

1497 (60 atm.) 


c 

0.001(18*) 

SrCl 2 

3.05 

872 


c 


SrCl 2 - 6 HaO 

1.93 

d. 61 


c 

35.0(20*), 45.4(60*) 

Sr(C 108)2 

3,15 

d. 120 


c 

63.6(18*) 

SrCr04 

3.89 



y 

0.11(15*) 

SrFa 

2.44 

1400 


c 

0.0017(18*) 

Srl 2 

4.54 

402 


c 


Srl 2 - 6 H 20 

4.41 



c 

64.2(20*) 

Sr(N 08)2 

2.99 

570 


c 


Sr(N 02 ) 2 - 4 Hi 0 

2.2 



c 

41.5(20*) 

SrC204-H20 


d. 


c 

0.006(20*) 

SrHP04 

3.54 



c 

V. si. sol. 

SrS 

3.70 



c 

sol. hydr. 

SrSOa 


d. 


c 

0.003(17*) 

SrS04 

3.96 

d. 1580 


c 

0 . 01 ( 20 *) 

SrSiOs 

3.65 

1580 


c 

V. si. sol. 

Sulfur ! 






S(M) 

1.96 

119.0 

444.6 

y 

not sol. 

S(R) 

2.07 

112.8 

444.6 

y 

not sol. 

SO 2 

1. 1.43 

- 72.7 

- 10 

c 

10.0(20*), 4.5(50*) 

SO 3 , ot 

1. 1.92 

16.83 

44.8 

c 

g. H 2 SO 4 

H 2 SO 4 

1. 1.83 

10.49 


c 

V. sol. 

H2S04-H20 

1. 1.84 

8.62 

290 

c 

V. sol. 

H2S04-2H20 

1 . 1.65 

- 38.9 

167 

c 

V. sol. 

H 28207 

1. 1.9 

35.0 

d. 

c 

g. H 2 S 04 

SOBr 2 

1 2.68 

-50 

139.5 

or-r 

giv. SO 2 Hh HBr 

SOClBr 

1. 2.31 


115 d. 

y 

d. 

SCI 4 


- 30 


y-br 

d. 

S 2 CI 2 

1. 1.67 

- 80 

138 

y-r 

giv. HCl+S + HiSiO» 






slowly 

SOCI 2 

1. 1.63 

- 104 

75.4 

c 

giv.SOs+HCl 

SO 2 CI 2 

1 . 1.66 

- 54.1 

69.1 

c 

si. sol. 0 *, d. by hot H 3 O 

SO 8 SO 2 CI 2 

1. 1.84 

- 37.5 

153 

c 

giv. HaS04 + HCl slowly 

S 2 O 8 CI 4 


d. 57 


w 

d. 

SFe 

1. 1.91 

- 5S(P) 

- 63.5 

c 

si. sol. hot d. 

SOF 2 

1. 2.93 

- 110 

- 30 

c 

giv. SO 2 + HF 

SO 2 F 2 


- 120(65 mm.) 

- 52 

c 

10 vol./lOO vol. HsO(9*) 

Tantalum 






Ta 

16.6 

2850 

>4100 

gy 

not sol. 

Ta 206 

8.73 



c 

V. si. sol. 

TaBre 

4,67 

240 

320 

y 

sol. hydr. 

TaCU 

3.68 

221 

242 

y 

sol. hydr. 

TaFs 

4.74 

96.8 


c 

sol. hydr. 
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Formula 

Density 

Melting 
Point “C. 

Boiling 
Point ®C. 

Color 

Solubility in Water 

Tellurium 






Te, a 

6.24 

453 

1087 

gy 

not sol. 

H2Te03 

3.05 

d. 40 


c 

si. sol. 

HeTeOa 

3.05 



c 

30(18“) 

Te02 

5.89 


s. 450 

y 

giv. HaTeO* 

TeOs 

5.08 

d. 


c 

giv. HcTeOa 

TeBr 2 


ca. 280 

339 

gy 

hydr. 

TeCh 

7.05 

175 

324 

bk 

hydr. to TeO 

TeCU 


214 

392 

w 

hydr. 

TeFe 



- 38.6 

c 

hydr. 

Tel 2 




bk 

hydr. to TeO 

Tel4 

8.40 

259 


d-br 

hydr. slowly 

Thallium 






T1 

11.85 

302.5 

1457 

bl-w 

not sol. 

TI 2 O 


300 

d. 1855 

y 

giv. TlOH 

ThO* 

br. 9,65 



br 



bk. 10.19 

759 


bk 

V. si. sol. 

TlOH 



139 diss. 

y 

343 g./hter (18.5“) 

Tl(OH)s 


> 340 


br 

V. si. sol. 

TlBr 

7,56 

460 

815 

1-y 

0.05(20“) 

TlBrOs 




c 

0.35(20“) 

TUCOs 

7.11 

273 


c 

3.8(15“), 20(100“) 

TlCl 

7.00 

427 

807 

c 

0.34(20“), 1.9(90“) 

TICIO 4 

4.89 

501 


c 

17(30“) 

TIF i 



300 

c 

44(15“) 

Til 

7.09 

440 

824 

y 

0 0064(20“), 0.1(100“) 

TlNs 


334 


y 

V. si. sol. 

TINOa 

5.55 

207 

430 

c 

3.8(0“), 23.3(50“) 

<NH4)sT1C1«»2H20 

2.39 



c 

sol. 

TlaP04 

6.89 



c 

0.5(15“) 

TI 4 P 2 O 7 

6.79 

> 120 


c 

sol. 

TI 2 S 

8.0 

449 


bl-bk 

0.02(20“) 

TI 2 SO 4 

6.77 

632 


c 

4.64(20“), 15.6(100“) 

TlaSe 


1 340 


gy 

si. sol. 

Thorium 






Th 

11.2 

' 1845 

>3000 

gy 

evol. Ha 

ThOa 

9.69 

> 2800 


c 

V. si. sol. 

Th(OH)4 


d. 


c 

V. si. sol. 

ThBra 

5.67 


8. 610 

c 

V. sol. 

ThCl4 

4.59 

820 


c 

V. sol. 

Tha(P03}4 

4.08 



c 

si. sol. 

ThSa 

6.8 

d. 


y 

V. si. sol. 

Th(S04)2-9H20 

2.77 

d.406 


c 

1.36(20“) 

ThOa'SiOa 

5.3 



c 

V. si. sol. 

K2ThF6‘HaO 




c 

6 X 10-6(25“) 

Tin 






Sn 

w. 7.31 

231.8 

2270 

w 

not sol. 


g. 5.75 





H2Sii(OH)4 




c 

V. si. sol. 

HaSnCh-eHaO 

1.93 



c 

sol. 

SnO 

6.95 



bk-& 






d-gr 

V. si. sol. 

Sn02 

7.0 

1127 


gy-w 

V. al. sol. 

SnCOHa) 


d. 160 


w 

1.6 X 10-^(25“) 

SnBra 

5.12 

232 

620 

y 

sol. 

SiiBr4 

1. 3.34 

30.0 

202 

c 

hydr. 

SnCl 2 


246.8 

623 

c 


SnClr2H20 

2.7 

d, 37.7 

d. 

c 

70.1(25“) 

SnCl4 

1. 2.23 

-- 33.2 

113 

c 

sol. hydr. 

Snl2 

5.21 

320 

720 

r 

0.77(20“), 3.9(100“) 

Snl4 

4.46 

143.5 

340 

r-y 

hydr. 
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Formula 

Density 

Melting 
Point ®C. 

Boiling 
Point "C. 

Color 

Solubility in Water 

SnS 

SOS 

880 

1230 

br 

V. si. sol. 

SnSa 

4.5 



y 

V. si. sol. 

SnSOi 


d. 360 


c 

16(20°) 

Sn(S04)2-2Ha0 




1 C 

sol. hydr. 

Titanium 






Ti 

4.5 

1800 

> 3000 

gy 

not sol. 

TiO 




bl-bk 

giv. Ti(OH )2 

TiaOs 

4.6 

2130 


vi 

V. si. sol. 

Ti02 (RutUe) 

4.26 

1825 


bl 

V. si. sol. 

Ti02*2H20 


d. 


w 

V. si. sol. 

TiBr4 


38.2 

230 

y 

sol. hydr. 

TiCh 




1 bk 

sol. 

TiCls 


d.440 


1 V 

sol. 

TiCU 

1.7 

- 23 

136 

1-y 

sol. hydr. 

TiN 

5.18 

2930 


br-r 

not sol. 

TiS2 




gr 

hydr. slowly 

Tungsten 






W 

19.3 

3387 

5927 

gy-bk 

not sol. 

H 2 WO 4 

5.5 



y 

V. si. sol. 

WO 2 

12.11 



br 

V. si. sol. 

WO 3 

7.16 

> 2130 


y 

V. si. sol. 

WC 

15.7 

2777 

6000 

gy 

not sol. 

WaC 

16.06 

2877 

6000 

1 gr 

not sol. 

WCI 2 




gy 

sol. hydr. 

WCI 4 

4.62 

d. 


1 gy 

sol. hydr. to WOs 

WCh 

3.87 

248 

275.6 

bk 

sol. 

WCle 

3.52 

275 

346.7 

1 d-bl 

hydr. to WOs 

WBrs 


276 

333 

d-br 

sol. 

WFe 


- 0.4 

17.3 

1 c 

hydr. 

WI 2 

6.9 



1 br 

hs'dr. 

WI 4 

5.2 



1 bk 

sol. hydr. to WOa 

WS 2 

7.5 

d. 1250 


1 gy 

not sol. 

Uranium 






V 

18,7 

< 1850 

3500 

1 w 

evol. Ha 

UO 2 

10.9 

2176 


, bk 

V. si. sol. 

UOs 

7.29 



y 

V. si. sol. 

UsOs 

7.31 



gr 

V. si- sol. 

UBr4 

4.84 



bk 

V. sol. 

UC 2 

11.3 

2260 

4100 

gy 

giv. UO 2 + hyd-carbn. 

UCU 

4.72 



gr 

sol. 

UFb 

4.68 

69.2 (2 atm.) 

s. 56 

y 

sol. hydr. 

UI 4 

5.6 

s, 500 


bk 

sol. 

U02(I03)2 

5.2 

d. 250 


y 

0.12(18°) 

US 2 


> 1100 


gy 

V. si. sol. 

U(S04)r4HaO 


4 aq., 300 


gr 

9.8(24°) 

U 02 (C 2 H 502 ) 2 - 2 H 20 

2.89 

d. 275 


y 

sol. 

U02(N08)r6H20 

2.74 

60 

118 

y 

57(25°) 

U02(HP04)-4H20 




y 

not sol. 

UO 2 S 


d. 


br 

si. sol. 

U02S04‘3H20 

3.28 

d. 100 


y 

14.8(15.5°) 

Vanadium 






V 

5.96 

1710 

3000 

i-gy 

not sol. 

HVOs 




y 

si. sol. 

H4Va07 

! 



br 

si. sol. 

VO 

5.76 



gr 

V. si. sol. 

VO 2 

4.40 

> 1755 


d-gr 

V. si. sol. 

Y 2 OZ 

4.87 

1970 


bk 

V. si. sol. 

V 2 O 6 

3.56 

800 


or&y 

giv. HVOa 

VC 

5,4 

2830 

5900 

gy 

not sol. 

VCla 

3.23 



gr 

sol. 

VCh 

3.00 



pk 

sol. 
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FORMXn-A 

Density 

Melting 1 
Point “C. 

Boiling 
Point “C. 

Color 

Solubility in Water 

VCU 

1. 1.82 

- 109 

148.5 

r 

sol. giv. VOCI 2 

VFe 

2.18 


111.2 

y 

hydr. 

VN 

5.63 

2050 


gr-br 

not sol. 

V»S* 

4.7 



bk 

V. si. sol. 

ViSb 

3.000 



bk 

V. si. sol. 

VOCl« 

1.82 

> 15 

127 

y 

hydr. 

VaSi 

5.48 



w 

not sol. 

Xenon 






Xe 

s. 2.7 

- 140 

- 108 

c 

21.8 CC./100 cc. HaOCO®) 

YUerbium 






Yb 





evol. H 2 

YbaOa 

9,17 



c 

V. si. sol. 

YbClrdHsO 

2.57 



gr 

V. sol. 

Yb*(SO0» 

3.79 



c 

8 aq. 30.7(0*), 4.5(100*) 

YbaCCaOOa-lOHaO 




c 

0.000033(25*) 

Yttrium 






Y 

5.57 

1490 

2500 

gy-bl 

evol. Ha 

YaO. 

4.84 

2410 


c 

V. si. sol. 

Y(OH)* 


d. 


y 

V. si. sol. 

YClrHaO 


160 


c 

6 aq. 43(25*) 

Y(N03)r6H20 

2.68 



c 

57.4(22.5*) 

Yj(S04)r8H20 

2.56 



c 

aq. 6.7(25*) 

Zinc 






Zn 

7.14 

419.5 

907 

gy 

not sol. 

ZnO 

5.47 

1965 


w 

0.0042(18*) 

Zn(OH )2 

3.05 

d. 125 


c 

0.00042 

Zn(C2H802)-2H20 

1.73 

237 


c 

23.7(20*) 

ZnBra 

4.22 

394 

650 

c 

82.5(25*) 

ZnClOj 

4.44 

d. 300 


c 

, 0.001(25*) 

ZnClt 

2,91 

283 

732 

c 

78.6(20*) 

ZnCl 2 - 2 NH* 


210.8 

d.271 

c 

giv. Zn(NH*)4++ 

Zn(C104)r6H20 

2 . 1 s 

60 


c 

V. sol. 

Zn(CN )2 


d. 800 


c 

sol. 

ZmFeCCN)r3H20 



d. 

c 

V. si. sol. 

Z 11 F 2 

4.84 

872 


c 

1.6(18*) 

Znl 2 

4.66 

446 

624 

c 

83.1(22“) 

Zn(IOs )2 

4.98 

d. 


c 

0.87 in “cold*' H 2 O 

Zn(N03)2‘6H20 

2.06 

36.4 


c 

55.9(25*) 

ZnC204*2H20 

2,56 

d. too 


c 

0.0007(25*) 

ZnaPa 

4.55 

> 420 

1100 

gy 

not sol. giv. PHs with H+ 

Zm{P04)2 

4.0 

900 


c 

V. si. sol. 

ZnaPaO? 




c 

V. si. sol. 

ZnS 

4.08 

1645 

s. 1185 

c 

0.0007(18*) 

ZnS04 

3.74 

d. 740 


c 


ZnS04*7H20 

1.97 


d. 280 

c 

36.7(25*) 

ZnO'SiOa 

3.52 

1437 


c 

V. si. sol. 

ZnTe 

5.54 

1238.5 


r 

V. si. sol. 

Zirconium 






Zt 

6.4 

1700 

>2900 

gy 

not sol. 

ZtOz 

5.49 

2715 


w 

V. si. sol. 

Zr(OH)4 

3.25 

2 aq. 550 


w 

0.02 

ZrCU 



331 

c 

sol. hydr. 

ZrF4 

4.43 

sub 


c 

1.3 

Zr(NH4)3F7 




c 

si. sol. 

Zr<N03)4*5H20 


d. 100 


c 

sol. 

Zr(S04)2*4H20 




c 

V. sol. 

ZrOaSiOa 

4.5 

2500 


c 

V. si. sol. 
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Acetamide, 186 

Acetate, buffer solutions of, 509 
Acetic acid, 186, 282 
Acetylene, 
properties, 280 
series, 279 
Acetylides, 281 
Acids, 
def., 461 

organic, def., 282 
relation to ionic sizes, 26 
Acrylate resins, 290 
Actinium, 445 
emanation, 444 
series, 443 

A, 444 

B, 444 

C, 444 
C',444 
C", 444 

D, 444 
X,444 

Actinon, 447 
Active deposit, 447 
Activity, 461 
coefficient, values of, 487 
Agate, 299 
Air, 13, 20, 23 
Alabandite, 367 
Alcohol, def., 282 
Aldehyde, def., 282 
Alkali, 

bicarbonates, 49 
halides, heat of formation, 40 
metal elements, 36 
nitrates, 53 
silicates, 302 
Alkaline earths, 57 
Alkaloids, 292 
Alpha-particle, 14, 440, 461 


Aliphatic compounds, 278 
Allotropy, def., 461 
Almandite, 306 
Alum, def., 95 
Aluminates, 93 
Aluminon test, 97 
Aluminum, 
acetate, 91, 96 
analytical properties, 96 
boride, 82 
carbide, 280 
carbonate, 92 
halides, 93 
hydroxide, 91 
nitride, 91 
occurrence, 88 
oxidation potential, 81, 91 
oxide, 91 

preparation of metal, 88 
properties of metal, 81, 91 
solder, 325 
sulfate, 94 
sulfide, 92, 96 
Alundura, 92 
Amalgam, 
alkali, 43 
ammonium, 188 
radium, 62 
Amatol, 189, 288 
Amber, 289 
Amblygonite, 42 
Amide, 186 

Amidosulfonic acid, 187, 256 
Amino-acids, 187, 287 
Ammonia, 

electron structure, 182 
manufacture, 182 
properties of, 184 
reactions of, 185, 205 
Ammoniates, 185 
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INDEX 


Ammonium, 
amalgam, 188 
analytical, 190 
bromide, 189 
carbamate, 189 
carbonate, 189 
chloride, 188 
cyanate, 286 
dichromate, 356 
dithiocarbamate, 190 
hydrolysis of ion, 188 
hydroxide, 187 
electron structure, 182 
hypoiodite, 194 
molybdate, 359 
nitrate, 189, 207 
oxide, 187 
persulfate, 190 
phosphate, 190, 223 
phosphomolybdate, 359 
polysulfide, 190 
sulfate, 189 
sulfide, 190, 241 
thiocyanate, 190 
vanadate, 377 
Ampere, def., 461 
Amphibole group, 304, 305, 307 
Amyl acetate, 292 
Analcite, 305 
Anatase, 316 
Andalusite, 305 
Andradite, 306 
Anglesite, 322 
Angstrom unit, def., 461 
Angular momentum, def., 461 
Anhydride, def., 461 
Anhydrite, 72 
Aniline, 292 
Anode, def., 461, 471 
Anorthoclase, 305 
Anthophyllite, 305 
Anthracene, 279 
Antimonates, 226 
Antimonides, 231 
Antimonites, 226 
Antimony, 
alloys, 215 

analytical properties, 231 
butter of, 229 
halogen compounds, 228 
modifications of, 211 
occurrence, 209 


pentoxide, 226 
preparation, 212 
reactions of, 215 
sulfides, 229 
tetroxide, 226 
trioxide, 226 

Antimonyl compounds, 227 
Apatite, 60, 209 
Aqua regia, 206 

Aquapentammine cobaltichloride, 406 
Aragonite, 68 
Argentite, 111 
Argon, 

occurrence, 13 
physical properties, 14 
uses, 17 
Arizonite, 312 
Aromatic compounds, 279 
Arsenates, 226 
Arsenic acid, 226 
Arsenic, 

analytical properties, 231 
halogen compounds, 228 
in shot, 214 
modifications of, 211 
occurrence, 209 
preparation, 212 
reactions of, 215 
separation from selenium, 258 
sulfides, 229 
trichloride, 226 
trioxide, 225 
white, 225 
Arsenides, 231 
Arsenious acid, 225 
Arsine, 216 
Asbestos, 304, 306 
Aspirin, 292 
Atacamite, 100 
Atmosphere, def,, 461 
Atom, def., 461 
Atomic, 

disintegration, 449 
number, def,, 461 
weight, def., 461 

weights, tables, back inside cover 
Augite, 305 
Aurate ion, 122 
Austenite, 384 
Autunite, 349 
Avogadro’s, 
number, 461 
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rule, 462 
Axinite, 306 
Azides, 192 
Azurite, 100, 110 

Babbitt, 325 
Baddeleyite, 313 
Bakelite, 289 
Banana oil, 292 
Bar, def., 462 
Barites, 60, 73 
Barium, 

analytical properties, 77 
carbonate, 69 
ferrate, 396 
halides, 71 
hydroxide, 67 
nickelite, 410 
nitrate, 76 
occurrence, 60 
oxide, 63 
perferrate, 396 
peroxide, 65 
source of oxygen, 24 
properties of metal, 58, 59, 60 
selenate, 251 
spectra, 79 
sulfate, 73, 250 
analytical, 258 
thiocarbonate, 256 
Baryta, 63 
Base, 462 
Base element, 462 
Bases, relation to ionic sizes, 26 
Basic acetate, separation, 398 
Battery, def., 471 
Bauxite, 88, 92 
Bayerite, 92 
Beil metal, 104 
Benitoite, 306 
Bentonite, 304 
Benzene, 279 
Berlinate, 396 
Beryl, 60, 305, 306 
Beryllate, 65 
Beryllia, 63 
Beryllium, 
alloys, 62 
analytical, 77 
carbide, 277 
carbonate, 66 
halides, 69 


hydroxide, 65 
oxide, 63 

properties of metal, 58, 60 
sulfate, 71 

Bessemer process, 387 
Beta-particle, 439 

Bicarbonate, equilibrium with car- 
bonate, 274 
Biotite, 305 
Bismite, 210 
Bismuth, 
alloys, 215 

analytical properties, 231 
basic compounds, 227 
halogen compounds, 228 
hydroxide, 227 
monoxide, 227 
occurrence, 210 
pentoxide, 228 
preparation, 212 
properties, 213 
radioactive properties, 443 
sulfide, 229 
trioxide, 227 
Bismuthates, 228 
Bismuthides, 231 
Bismuthine, 216 
Blast furnace, 383 
gas, 271 

Blasting gelatine, 287 
Bleaching, 156, 172, 244 
Bleaching powder, 172 
Blue prints, 396 

Body-centered cubic crystals, 489 

Bohmite, 92 

Bohnalite, 61 

Bohr atom, 2 

Boiler scale, 72 

Boiling point, def., 462 

Boiling points, tables of, 521 

Bonds, non-polar, 261, 513 

Borates, 83 

buffer solutions of, 509 
Borax, 84 

Bordeaux mixture, 109 
Boric acid, 83, 87 
Borides, 86 
Bornite, 100 
Boron, 
analytical, 87 
halides, 86 
hydrides, 87 
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occurrence, 81 
oxides, 83 
phosphate, 85 
preparation, 82 
properties, 81, 82, 83 
Borosilicates, 306 
Boryl sulfate, 85 
Brass, 104 
Braunite, 367 
Brevium, 442 
Britannia metal, 325 
British thermal unit, def., 462 
Bromate, 179 
Bromic acid, 169, 179 
Bromide, ion, 168 
Bromine, 

analytical properties, 178 
fluoride, 160 
hydrate, 158 
hydrolysis, 160 
occurrence, 154 
oxidation potentials, 159, 169 
physical properties, 154 
preparation, 155 
reactions, 159, 161 
Bronze, 104 
Brown ore, 380 
Bucher process, 285 
Buffer solutions, table of, 509 

Cacodyl, 218 
Cadmium, 

analytical properties, 134 
complex ions, 130 
halides, 132 
metallurgy, 127 
oxides, 131 

properties of metals, 126, 129 
sulfate, 132 
sulfide, 133 
Calamine, 127, 305 
Calcite, 68 
Calcium, 

aluminate, 93, 309 
anal 5 ^ical properties, 77 
bicarbonate, 69 
carbide, 76, 278 
carbonate, 68 
structure, 263 
colurabate, 336 
cyanamide, 76, 184, 286 
cyanide, 287 


fluoride, type of crystal lattice, 489 

halides, 70 

hydride, 76 

hydroxide, 66 

nitrate, 76 

oxide, 62 

phosphate, 77, 223 
polysulfide, 254 
properties, 58, 59, 60 
silicide, 297 
spectra, 79 
sulfate, 72 
sulfide, 77 
titanate, 312 
Calomel, 138 
Calorie, def., 462 
Carbides, 277 
Carbohydrate, 282 
Carbon, 

amorphous, 265 
compounds, structure, 261 
cycle, 274 
dioxide, 271 
properties, 272, 281 
disulfide, 278 

hydrogen compounds, 278 
monofluoride, 266 
monosulfide, 278 
monoxide, 
analysis, 268 

equilibrium in blast furnace, 382 
equilibrium with C and CO 2 , 269 
in fuels, 270 
properties, 267 
nitride, 283 
occurrence, 263 
oxysulfide, 278 
properties, 267 
suboxide, 267 
tetrachloride, 283 
Carbonates, 
analysis, 275 

equilibrium with bicarbonate, 274 
hydrolysis, 275 
structure, 263 
Carbonic acid, 274 
Carbonous acid, 267, 271 
Carbonyl chloride, 268 
Carbonyls, preparation, 268 
Carborundum, 297 
Carnallite, 51, 60, 155 
Carnotite, 336, 349, 446 
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Caro's acid, 255 
Cassiterite, 322 
Castner process, 47 
Catalyst, 462 
Cathode, 
def., 462 
rays, def., 462 
Celestite, 73 
Cell, 
dry, 373 

electric, def., 471 
lead, 334 
Cellophane, 289 
Celluloid, 289 
Cellulose, 282, 288 
acetate, 289 
Cement, 

Portland, 309 
magnesium, 70 
Cementite, 385 
Centigrade temperature, 462 
Cerium, 
analytical, 435 
compounds, 433-437 
fluoride, 435 
occurrence, 432 
physical properties, 431 
subgroup, 430 
Cerussite, 322 
Cesium, 
analytical, 55 
chemical properties, 38, 42 
chloride, t3^e of crystal lattice, 490 
hydroxide, 44 
occurrence, 41 
oxides, 44 

physical properties, 37 
preparation, 42 
spectra, 38 
Chabazite, 305 
Chalcocite, 100 
Chalcopyrite, 100 
Charcoal, 265 
Chemiluminescence, 462 
Chile saltpetre, 53 
Chloramine, 193 
Chlorate, 174 

Chloraurate ion, structure, 98 
Chlorazide, 192 
Chloric acid, 174 
Chloride, 
complex ions, 167 


of lime, 172 
properties of ion, 167 
Chlorine, 
analytical, 178 
dioxide, 173 
hydrate, 158 
hydrolysis, 160, 171 
monoxide, I7l 
occurrence, 154 
oxidation potentials, 159, 169 
oxides, 171, 173 
physical properties, 154 
preparation, 153 
reactions of, 159 

reaction with carbon monoxide, 268 
Chlorite, 171, 304 
Chloroform, 283 
Chloromine, 193 

Chloropentamine cobaltichloride, 411 
Chloroplatinic acid, 425 
Chloroplatinous acid, 426 
Chlorosulfuric acid, 257 
Chlorpicrin, 293 
Chromate, compounds, 356 
Chrome, 
alum, 355 
green, 354 
red, 356 
steel, 350 
yellow, 356 
Chromic, 
acid, 355 

complex ions, 355 
compounds, 353 
Chromite, 349 
compounds, 354 
Chromium, 
analytical, 365 
metallurgy, 349 
occurrence, 349 
oxidation potentials, 353 
properties, 351 
reactions, 352 
Chromous compounds, 353 
Chromyl, 357 
Chrysocolla, 100, 305 
Cinnabar, 135 
Claud6, 

liquefaction process, 24 
nitrogen process, 183 
Claudetite, 210 
Clay, 304 
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Cleaning solution, 355 
Clinochlore, 305 
Coal, 263 

-tar, ammonia from, 183 
Cobalt, 
aluminate, 96 
analytical, 410 
blue, 405 
compounds, 404 
green, 405 
metallurgy, 400 
occurrence, 399 
oxidation potentials, 403 
physical properties, 401 
reactions, 403 
sesquioxide, 405 
yellow, 406 
Cobaltic, 
complex ions, 405 
compounds, 405 
coordination compounds, 407 
Cobalticyanide, 405 
Cobaltite, 399 
Cobaltites, 408 
Cobaltocyanide ion, 405 
Cobaltous compounds, 405 
Coeificients of expansion, table of, 
515 

Colemanite, 82 
Collodion, 289 
Colloid, def., 462 

Colors, of inorganic compounds, 521 
Columbates, 343 
Columbite, 337 
Columbium, 
analytical, 346 
halogen compounds, 344 
hydride, 344 
metallurgy, 337 
nitride, 344 
occurrence, 336 
oxidation potentials, 343 
oxysulfide, 344 
pentoxide, 343 
properties, 338 
reactions, 339 

Complex compounds, nomenclature, 
407 

Component, 462 
Concentration, 462 
Concrete, 309 
Conductance, 462 


Constantan, 104, 402 
Contact process, 245 
Conversion factors, tables, 515 
Coordination number, 98, 462 
Copper, 
alloys, 104 
analytical, 110 
arsenide, 233 
metallurgy, 100 
occurrence, 100 
oxidation potentials, 105 
properties of metal, 101, 104 
Cordite, 287 

Corrosive sublimate, 140 
Corundum, 88 
Coulomb, 462 
Covalent bond, 463 
energies, 513 
radii, 514 
Cristobalite, 300 
Critical pressure, 463 
Critical temperature, 463 
Critical volume, 463 
Cryolite, 88, 154 
Crystal, 
classes, 488 
cubic, 488 
lattice, types, 488 
Cupferron, 398 
Cupric, 

ammonia ion, 99, 108 
ferrocyanide, 110 
halides, 108 
hydroxide, 108 
ion, 107 
nitrate, 109 
oxide, 108 
phosphate, 110 
sulfate, 109 
sulfide, 109 
Cuprite, 100 
Cuprous, 
compounds, 106 
cyanide, 106 

oxide type of crystal lattice, 489 
Curie, def., 447, 463 
Cyanamide, 286 
Cyanates, 286 
Cyanide, 

complex ions, 285 
preparation, 285 
Cyanite, 305 
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Cyanogen, 283 
chloride, 285 
Cyanogenamide, 287 
Cyclotron, 449 

Dakin’s solution, 172 
Datolite, 306 
Davy, 156 
Deacon process, 160 
Dechenite, 336 
Decomposition voltage, 463 
Degree of freedom, 463 
Deliquescent, 463 
Densities, tables, 504, 521 
Density, 463 
conversion factors, 515 
Deuterium, 
occurrence, 1 
physical properties, 11 
Devarda’s alloy, 208 
Diamond, 

physical properties, 265 
type of crystal lattice, 489 
Diaspore, 92 
Diatomaceous earth, 299 
Diazonium chloride, 201 
Dichromate, 

analytical properties, 365 
determination of iron, 398 
Dichromic acid, 355 
Dielectric constant, 463 
Diffusion law, 463 
Dimagnetic, 463 

Dimethyl glyoxime, test for nickel, 
410 

Diopside, 305 
Diphenylamine, 208 
Disaccharide, 282 
Disiloxan, 299 
Distribution law, 463 
Dithionic acid, structure, 252 
Dolomite, 60 
Dowmetal, 61 
Drierite, 73 
Dry cell, 373 
Drugs, 292 
Duralumin, 90 
Duriron, 297 
Dyne, 463 
Dysprosium, 
analytical, 435 
compounds, 433-437 


occurrence, 432 
physical properties, 431 
Dyes, 292 
Dynamite, 287 

Edison cell, 410 
Electrolysis, mechanism, 471 
Electrolytes, ionization, 486 
Electromotive force, 463 
Electron, 1, 463 
affinity, 464 

structure of elements, 517 
Electropositive element, 464 
Element, 464 
Emery, 92 
Enantiotropic, 464 
Energy, 464 
conversion factors, 515 
Enstatite, 305 
Entropy, def., 464 
Epidote, 305 
Epsom salt, 71 
Equilibrium, 464 
constant, 464 
Equivalent, 464 
Erbium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Erg, def., 464 
Erythrite, 399 
Ester, 282 
Ether, 282 
Ethyl, 
borate, 85 
chloride, 283 
gasoline, 157, 291 
radical, 282 
Ethylene chloride, 283 
Europium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Eutetic, def., 464 
Explosives, 287 

Face-centered cubic crystals, 
489 

Fahrenheit temperature, 464 
Farad, def., 464 


548 


INDEX 


Faraday, 
def., 464 
laws, 471 

Fehling's solution, 106 
Feldspar, 304 
Fergusonite, 432 
Ferrates, 396 
Ferric, 

complex cyanides, 394 
compounds, 392 
Ferrite, 380 
Ferromanganese, 368 
Ferrosilicon, preparation, 297 
Ferrotungsten, 351 
Ferrovanadium, 337 
Ferrous, 
chromite, 349 
complex cyanides, 394 
compounds, 391 

reaction with permanganate, 376 
Fire extinguisher, 95 
Fixation of nitrogen, 
ammonia process, 183 
cyanamide process, 184 
cyanide process, 184 
nitric oxide process, 203 
Flint glass, 308 
Flotation, 101 
Flue gas, 384 
Fluoplumbic acid, 332 
Fluorescence, 465 
Fluoride, 
complex ions, 167 
ion, 166 
Fluorine, 

as oxidizing agent, 159 
occurrence, 154 
oxidation potentials, 159 
oxides, 171 

physical properties, 154 
preparation, 155 
reactions, 159, 161 
Fluorite, 69 
Fluorspar, 60, 70, 154 
Fluosilicic acid, 298 
Flux, 465 
Fools' gold, 391 
Force, 465 
Formaldehyde, 281 
Formic acid, 267, 271, 281 
Forsterite, 306 
Franklinite, 127 


Frary metal, 325 
Frasch process, 238 
Free energy, 
def., 482 

relation to electromotive force, 483 
values and their use, 483 
Freon, 283 
Fructose, 282 
Fugersonite, 337 
Furfural, 290 

Gadolinite, 432 
Gadolinium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Galena, 322 
Gallium, 
analytical, 147 
compounds, 146 
metal, 146 
occurrence, 144 
Gamma-rays, 465 
Garnet, 88 
group, 306 
Garnierite, 399 
Gas, 465 
constant, 465 
mantles, 319 
natural, 263 
war, 293 

German silver, 104, 402 
Germanium, 
analytical, 334 
compounds, 326 
occurrence, 321 
properties, 322 
reactions, 326 

separation from selenium, 259 
tetrabromide, 259 
Gibbsite, 92 
Glass, 

coloring of, 309 
decolorizing of, 372 
devitrification of, 309 
manufacture, 308 
ruby, 239 
Glauber's salt, S3 
Glaucophane, 305 
Glossary, 461 
Glucinum, 57 
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Glucose, 282 
Gold, 

analytical, 123 
complex cyanides, 120, 122 
fulminate, 123 
halides, 123 
metallurgy, 120 
occurrence, 119 
oxidation potentials, 122 
oxides, 122 

properties of metal, 101, 
121 

sulfides, 123 

Goldschmidt reaction, 91, 349 
Gram, 465 
atom, 465 
molecule, 465 
Granite, 303 
Graphite, 
blue, 266 

physical properties, 264, 267 
reactions, 266 
structure, 266 
Graphitic oxide, 266 
Grossularite, 305 
Guncotton, 287 
Gunmetal, 104 
Gunpowder, 207 
Gypsum, 60, 72 

Haber process, 183 
Hafnium, 
compounds, 318 
occurrence, 312 
properties, 314 
Half reactions, 471, 480 
Hall process, 88 
Halogen, 
halides, 161 
nitrides, 193 
occurrence, 154 
oxidation potentials, 159, 169 
oxy-acids, 169 
reactions, 159, 282 
Hard water, 74 
Hauerite, 367 
Hausmannite, 367 
Heat, 465 

of ionization of water, 30 
of neutralization, 30 
Helium, 
occurrence, 13 


physical properties, 14 
uses, 17 
Hematite, 380 
Heulandite, 305 
Hexagonal, 

close-packed crystals, 489 
crystal system, 488 
Holmium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Hopcalite, 269 
Hornblende, 305 
Hornsilver, 111 
Humidity, 465 
Hydrazine, 191 
electron structure, 182 
Hydrazoic acid, 193 
electron structure, 182 
Hydroborons, 87 

Hydrobromic acid, properties, 164 
Hydrocarbons, 278, 281 
Hydrochloric acid, properties, 164 
Hydrocyanic acid, 285 
Hydrofluoric acid, properties of, 
164 

Hydrogen, 
atomic structure, 1 
atomic torch, 10 
bromide, 163, 164 
chloride, 

hydrates, 165 
preparation, 162 
properties, 164 
commercial use, 10 
cyanide, properties, 284 
fluoride, 

action upon glass, 166 
preparation 162 
properties, 164 
halides, 162 
iodide, 

preparation, 164 
properties of, 164 
ion, 7 

occurrence, 4 

oxidation-reduction couple, 8 
peroxide, 

oxidation potentials, 34 
preparation, 30 
properties, 31 
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structure, 30 
use, 32 

physical properties, 6 
polysulfide, structure, 252 
preparation, 9, 269, 297 
reactions, 6 

reaction with halogens, 160 
selenide, 

physical properties, 240 
reactions, 242 
sulfide, 

physical properties, 240 
reactions, 240 
telluride, 

physical properties, 240 
reactions, 240 
Hydropnite, 297 
Hydroiodic acid, properties, 176 
Hydrolysis, def., 465 
Hydrous oxide, 465 
Hydroxylamine, 191 
disulfonic acid, 187 
electron structure, 182 
Hypersthene, 305 
**Hypo,” 253 
Hypobromites, 175 
Hypobromous acid, 176 
Hypochlorous acid, 160, 171 
Hypoiodites, 175 
Hypoiodous acid, 176 
Hyponitrous acid, 
preparation, 196 
structure, 195 
Hypophosphoric acid, 222 
Hypophosphorous acid, 221 
Hyposulfite, 253 
Hyposulfurous acid, 
electron structure, 252 
preparation, 252 

Igneous rocks, 303 
Illinium, 431 
Illium, 402 
Ilmenite, 312 
Imide, 186 

Imidosulfonic acid, 187 
Indicators, 510 
Indium, 
analytical, 148 
compounds, 148 
metal, 145 
occurrence, 144 


Inert gases, 14 
Ink, 391 

Inorganic compounds, table of prop- 
erties, 521 
Invar, 402 
lodate, 176 
Iodic acid, 176 
Iodide, 
ion, 168 

oxidation by nitrous acid, 200 
oxidation, 159 
Iodine, 

analytical properties, 178 

bromide, 162 

chloride, 162 

fluoride, 162 

hydrolysis, 160 

occurrence, 154 

oxidation potentials, 159, 169 

oxides, 169 

pentoxide, 176 

physical properties, 154, 158 

preparation, 157 

reactions, 159 

reaction with arsenious acid, 226 
reaction with thiosulfate, 178 
tetroxide, 177 
tincture, 157 
Iodoform, 157, 283 
Ion, 

def., 465 
structure, 501 

Ionic radii, relation to acids and 
bases, 27 
Ionium, 444 
Ionization, 
constants, 506 
potential, 465 
strong electrolytes, 486 
Iridium, 
analytical, 427 
compounds, 422 
occurrence, 413 
oxidation potentials, 422 
properties, 414 
reactions, 416 
Iron, 

analytical, 398 
carbonyl, 397 
grey cast, 383 
metallurgy, 381 
modifications, 380 
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occurrence, 380 
oxidation potentials, 390 
physical properties, 381 
pyrites, 234, 391 
reactions, 390 
rusting, 389 
white cast, 383 
wrought, 384 
Isomerism, 465 
Isometric, 488 
Isotopes, 439, 453 

Jadeite, 305 
Jargon, 318 
Jena glass, 309 
Jones reductor, 399 
Joule, 466 

Joule-Thomson, effect, def., 466 

Kainite, 51 
Kaolin, 304 
Kaolinite, 304, 305 
Keenes cement, 73 
Kelvin scale, 466 
Kennametal, 277 
Kernel, atomic, 466 
Kernite, 82 
Ketone, 282 
Kidney ore, 380 
Kieselguhr, 299 
Kieserite, 71 
Kilo, def., 466 
Krypton, 
occurrence, 13 
physical properties, 15 

Lactose, 282 
Lake, 95 
Lanitol, 289 
Lanthanum, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical propercxes, 431 
Latent heat, 466 
Lattice energy, 466 
Lazurite, 305 
Lead, 

acetate, 332 
alloys, 325 
anal 3 rtical 334 
arsenate, 226 


azide, 193 
carbonates, 333 
chamber process, 247 
chromate, 332, 356 
dioxide, 331 
halides, 331 
hydroxide, 330 
metallurgy, 324 
monoxide, 330 
nitrate, 332 
occurrence, 331 
oxidation potentials, 330 
pencils, 266 
phosphate, 334 
properties of, 322 
radioactive properties, 444 
reactions of metal, 326 
red, 330 
silicate, 334 
storage battery, 334 
sugar of, 332 
sulfate, 332 
sulfide, 333 
tetraethyl, 291 
white, 333 

Le Blanc process, 46 
Leclanch4 cell, 373 
Lepidolite, 42, 305 
Leucite, 304 
Lewis, G. N., 488 
Lime, 63 
kiln, 64 
light, 65 
stone, 68 
Limonite, 380 

Linde liquefaction process, 24 
Linnolite, 399 
Lipowitz metal, 215 
Liter, def., 466 
Litharge, 331 
Lithium, 
alloys, 43 
analytical, 55 
atomic structure, 36 
carbonate, 49 
chemical properties, 38, 42 
chlorate, 174 
chloride, 51 
fluoride, 49 
hydroxide, 45 
ionization potential, 37 
nitride, 186 
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occurrence, 41 
oxidation potential, 37 
oxides, 44 

physical properties, 37 
preparation, 42 
spectra, 38 
use, 42 

Lithopone, 74, 133 
Litmus, 510 
Lodestone, 392 
Loschmidt^s number, 466 
Lucite, 290 
Lunar caustic, 116 
Lutecium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 

Magnalium, 90 
Magnesia, 63 
alba, 67 

Magnesite, 60, 68 
Magnesium, 
alloys, 62, 90 

ammonium phosphate, 77, 231 

analytical, 77 

carbonate, 68 

chloride, 69 

halides, 69 

hydroxide, 66 

nitride, 61 

oxide, 62 

preparation of metal, 60 
properties of metal, 58, 60 
spectra, 79 
sulfate, 72 
Magnetite, 380, 392 
Malachite, 100, 110 
Malonic acid, 267 
Manganate, 
compounds, 373 
ion, 370 
Manganese, 
analytical, 375 
bronze, 369 
carbide, 368 
compounds, 369 
dioxide, 372 
metallurgy, 368 
occurrence, 367 
oxidation potentials, 370 


properties, 368 
reactions, 369 
steel, 368 
tetrachloride, 372 
Manganic compounds, 371 
Manganin, 104, 369, 402 
Manganite, 367, 372 
Manganous, 
carbonate, 371 
complex cyanides, 371 
ferrocyanide, 371 
halides, 371 
hydroxide, 371 
type of crystal lattice, 489 
manganites, 372 
oxidation of ion, 370 
oxide, 371 
sulfate, 371 
sulfide, 371 
Marcasite, 386, 391 
Marsh gas, 279 
Marsh test, 232 
Martensite, 386 
Mass, 466 
Mass law, 466 
Masurium, 367 
Matches, 213 
Mega, def., 466 
Melcanite, 100 
Mellitic acid, 265 
Melting point, def., 466 
Mercuric, 

ammonia compounds, 141 
chloride, 140 
complex iodide, 140 
cyanide, 142 
fluoride, 141 
fulminate, 142 
iodide, 141 
nitrate, 142 
oxide, 140 
sulfate, 142 
sulfide, 142 
thiocyanate, 142 
Mercurous, 
bromate, 139 
carbonate, 139 
chromate, 139 
halides, 138, 139 
ion structure, 138 
nitrate, 139 
oxide, 138 
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sulfate, 139 
sulfide, 139 
Mercury, 
analytical, 143 
metallurgy, 135 
occurrence, 135 
oxidation potentials, 137 
properties of metal, 135 
table of densities, 504 
Mesothorium, 444 
1,444 
Metals, 
def., 466 

resistance at low temperature, 511 
specific heat of, 512 
Metamorphic rocks, 303 
Methane, 
occurrence, 263 
properties, 279 
Methanol, 293 
Methyl, 
alcohol, 281 
borate, 85 
orange, 510 
violet range, 510 
Mho, def., 466 
Mica, 304, 305 
Micro, def., 466 
Microcline, 305 
Microcosmic salt, 223 
Micron, def., 466 
Milk sugar, 282 
Mini, def., 466 
Millon’s base, 141 
Minium, 331 
Misch metal, 433 
Moissan, 155 
Mole, def., 466 
Molecular, 
structure, 501 
volume, 466 
weight, 466 
Molecule, 466 
Molybdates, 359 
Molybdic acid, 359 
Molybdenite, 349 
Molybdenum, 
analytical, 365 
blue, 358 
compounds, 357 
metallurgy, 350 
occurrence, 349 


orange, 332 

oxidation potentials, 361 
properties, 351 
reactions, 332 
steel, 350 
Molybdenyl, 358 
Moment, 
of force, 466 
of inertia, 466 
Momentum, def., 466 
Monazite sand, 313, 432 
Mond process, 400 
Monel, 402 

Monoclinic crystals, 490 
Monosaccharides, 282 
Monotropic, def., 467 
Monox, 299 
Mosaic gold, 329 
Mordant, 95, 329 
Morphine, 292 
Mortar, 66 
Muriatic acid, 155 
Muscovite, 305 
Mustard gas, 155, 293 

Naphthalene, 279 
Natrolite, 305 
Nelson cell, 47 
Neodymium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Neon, 

occurrence, 13 
physical properties, 14 
uses, 16 
Neoprene, 290 
Nepheline, 305 
Nessler's reagent, 141 
Neutralization, acids and bases, 166 
Neutrino, 441, 467 
Neutron, 11, 438, 450, 467 
Nichrome, 350 
Nickel, 
alloys, 402 
analytical, 410 
arsenide structure, 491 
carbide, 403 
catalytic, 402 
coins, 402 
dioxide, 410 
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metallurgy, 400 
occurrence, 399 
oxidation potentials, 408 
physical properties, 401 
plating, 402 
reactions, 403 
Nickelous compounds, 408 
Niobium, 337 
Nitrates, 
properties, 207 
test, 208 
Nitric, 
acid, 

hydrates, 202 
manufacture, 202 
oxidation potentials, 205 
properties, 202 
reduction products, 200 
structure, 195 
anhydride, structure, 195 
oxide, 

complex ions of, 198 
preparation, 197 
structure, 195 
synthesis, 203 
Nitrides, 186 
halogen compounds, 192 
Nitrites, 200 
Nitrobenzene, 206 
Nitrocellulose, 287 
Nitrogen, 
analytical, 208 

compounds with hydrogen, 182 
dioxide, 

equilibrium in water, 199 
properties, 198 
structure, 195 
occurrence, 179 
pentoxide, 202 
physical properties, 181 
preparation, 180 
reactions, 181 

resemblance to carbon monoxide, 
267 

sesquioxide, preparation, 198 
tetroxide, structure, 195 
tetrasulfide, 194 
trichloride, 193 
triiodide, 194 
trioxyfluoride, 194 
Nitroglycerine, 206, 287 
Nitrometer, 208 


Nitron, 208 
Nitrosoamines, 201 
Nitroso-beta-naphtol test for cobalt, 
411 

Nitrososulfonic acid, 187 
Nitrosyl chloride, 206 
Nitrosylsulfuric acid, 247 
Nitrous, 
acid, 

equilibrium in water, 199 
preparation, 198 
properties, 198, 200 
oxidation potentials, 201, 205 
structure, 195 
anhydride, structure, 195 
oxide, 

preparation, 195 
structure, 195 
Nitroxyl, 196 
Normal solution, def., 467 
Nucleus, 
def., 467 
fission, 452 
structure, 438 
Nylon, 289 

Obsidian, 303 
Octet, def., 467 
Odd molecules, 173 
Ohm, 467 
-centimeter, 467 
Oil- water gas, 271 
Olefine series, 279 
Oleum, 245 
Olivine, 304, 306 
Orangite, 313 
Orbital, 3 

Orford process, 400 
Organic chemistry, 260 
Orpiment, 210 
Orthoclase, 305, 380 
Orthorhombic crystals, 490 
Osmiridium, 413 
Osmium, 
analytical, 427 
compounds, 419 
occurrence, 413 
oxidation potentials, 419 
properties, 414 
reactions, 416 
Osmyl compounds, 420 
Overvoltage, 467, 472 
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Oxidation, 467 

-reduction potentials, table, 474 
state, 467 
Oxides, 25 
Oxone, 44 
Oxy- 

acetylene torch, 24, 280 
hydrogen torch, 24 
Oxygen, ^ 
analytical, 27 
chemical properties, 21 
liquefaction, 23 
occurrence, 19 
oxidation potentials, 34 
physical properties, 20 
preparation, 23 
uses, 23 
Ozone, 

oxidation potential, 34 
preparation, 33 
properties, 33 
uses, 34 

Palau, 415 
Palladium, 

absorption of hydrogen, 423 
analytical, 427 
compounds, 423 
occurrence, 413 
oxidation potentials, 423 
properties, 414 
reactions, 416 
Paper, 288 
Paracyanogen, 284 
Paraffin, 279 
Paramagnetic, 467 
Paris green, 110, 226 
Parting, 124 
Passive, 467 
Passivity, 
of chromium, 353 
of iron, 389 

of platinum metals, 416 
Pearlite, 385 
Penninite, 305 
Pentlandite, 399 
Perchlorates, 174 
free radical, 175 
Perchloric, 
acid, 174 
structure, 153 
anhydride, 175 


Perferrate, 396 
Perfumes, 292 
Perhydroxyl, 34 
Periodates, 177 
Periodic, 
acid, 177 
anhydride, 177 
table, inside back cover 
Permanganate, 
anal 3 ^ical, 377 
compounds, 373 
Permanganic acid, 373 
Permutite process, 75 
Perowskit structure, 491 
Peroxide structure, 22, 30 
Peroxy- 
acids, 32 
borate, 85 
carbonate, 276 
chromates, 357 
columbates, 344 
disulfuric acid, structure, 252 
molybdic acid, 360 
monosulfuric aeid, structure, 252 
nitrogen, 207 
phosphoric acid, 224 
stannic add, 328 
sulfuric acid, preparation, 255 
tantalates, 345 
titanic acids, 317 
tungstates, 363 
uranate, 365 
vanadates, 342 
Perplatinates, 429 
Perrhenate, 375 
Pervanadyl, 
ion, 339 
salts, 342 
Petroleum, 291 
Pewter, 325 

Pharaoh's serpents, 142 
Phase, 467 
Phase Rule, 467 
Phenol, 289 

Phenolphthalein, 292, 510 
Phlogopite, 305 
Phosgene, 156, 261, 293 
Phosphates, 222 
buffer solutions, 509 
washing powders, 75 
Phosphides, 230 
Phosphine, 216 
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Phosphomolybdates, 359 
Phosphonium compounds, 218 
Phosphorescence, 467 
Phosphoric acids, 222 
Phosphorous acid, 222 
Phosphorus, 
acids, structure, 220 
anal3^ical, 231 
halides, 229 

hydrogen compounds, 216 
in matches, 213 
modifications, 210 
occurrence, 209 
pentoxide, 219 
preparation, 212 
reactions of, 215 
sesquioxide, 219 
sulfides, 229 
Phosphotungstates, 362 
Photoelectric effect, 468 
Photography, 117 
Photometer, 239 
Photon, 468 
Picric acid, 288 
Pig iron, 383 
Pink salt, 329 
Pitchblende, 349, 446 
Plagioclase, 305 
Planck's constant, 2, 468 
Plaster, 72 
of Paris, 72 
Plastics, 289 
Platenite, 402 
Platiniammino-salts, 427 
Piatino-coordination compounds, 
426 

Platinum, 
analytical, 427 
black, 414 
compounds, 425 
metallurgy, 413 
occurrence, 413 
oxidation potentials, 425 
properties, 414 
reactions, 416 
Plumbates, 331 
Piumbites, 330 
Polarization, 99, 468, 473 
Pollucite, 42 
Polonium, 445 
Polymorphism, 468 
Polysulfides, 254 


Porcelain, 307 
Portland cement, 309 
Positron, 440 
Potash, 46 
glass, 308 
Potassium, 
alloys, 43 
analytical, 55 
atomic structure, 37 
bi-iodate, 176 
bromide, 52 
carbonate, 46 
carbonyl, 268 
chemical properties, 38, 42 
chlorate, 174 
chloride, 51 
chloropalladate, 425 
chromate, 356 
cobaltinitrite, 55, 406 
cyanide, 52 
dichromate, 356 
ferricyanide, 395 
ferrocyanide, 394 
fluorotitanate, 317 
hydride, 43 
hydroxide, 44 
iodate, 176 
iodide, 52 
ion, hydration, 37 
ionization potentials, 37 
iridate, 423 
molecule, 38 
nitrate, S3, 207 
occurrence, 41 
osmate, 420 
osmiamate, 420 
oxidation potential, 37 
oxides, 44 
permanganate, 374 
physical properties, 37 
preparation, 42 
radioactivity, 449 
ruthenate, 418 
ruthenocyanide, 417 
silicate, 303 
spectra, 38 
sulfate, 53 
use, 42 

Potential, 468 

change with concentration, 480 
Pottery, 307 
Power, 468 
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Praseodymium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Prehnite, 305 
Pressure, 468 
conversion factors, 515 
Producer gas, 270 
Prosiloxan, 299 
Proteins, 287 
Protoactinium, 442 
Proton, 1, 438, 468 
Prussian blue, 395 
Prussiate, 
red, 395 
yellow, 395 
Prussic acid, 285 
Pucherite, 336 
Purple of Cassius, 121 
Pyrene, 283 
Pyrex glass, 308 
Pyrites, 238 
Pyrochlor, 337 
Pyrogallol, oxygen test, 27 
Pyrolusite, 367 
Pyrope, 306 
Pyrophoric metal, 433 
Pyrophosphoric acid, 224 
Pyrosulfuric acid, 250 
Pyrosulfuryl chloride, 257 
Pyroxene (group), 305 
Pyroxylin, 289 
Pyrrhotite, 380 

Qualitative analysis, 493 
Quantum number, 2, 468 
Quartz, 298 

Radioactinium, 444 
Radioactive, 
constants, 442, 444 
isotopes, 453 
*‘rays,” 439 
Radioactivity, 439, 468 
Radiothorium, 444 
Radium, 
amalgam, 62 
emanation, 444 
extraction, 444 
halides, 71 

heat of decomposition, 446 


55 "? 


properties of metal, 58 
radioactive properties, 444 
sulfate, 74 

A, 444 

B, 444 

C, 444 
C', 444 
C",444 

D, 444 

E, 444 

F, 444 

G, 444 
Radon, 444 

occurrence, 13 
physical properties, 15 
Rare earths, 
compounds, 433 
position in periodic table, 429 
preparation, 432 
properties, 431 
Rayon, 289 
Realgar, 210 
Rectifier, 
aluminum, 91 
tantalum, 338 
Reduction, def., 468 
Refractive index, def., 468 
Replacement series, 468 
Resistance, 
def., 468 
of metals, 511 
Rhenium, 
analytical, 375 
atomic properties, 368 
compounds, 374 
occurrence, 368 
oxidation potentials, 375 
Rhodites, 421 
Rhodium, 
analytical, 427 
compounds, 421 
occurrence, 413 
oxidation potentials, 421 
properties, 414 
reactions, 416 
Rhodizonate test, 79 
Rhodochrosite, 367 
Rhombohedral crystals, 490 
Rhyolite, 303 
Roscoelite, 336 
Rosemetal, 325 
Rouge, 392 
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Rubber, 290 
Ruby, 88 
Rubidium, 
analytical, 55 
carbonate, 49 
chemical properties, 38, 42 
hydroxide, 44 
occurrence, 41 
oxides, 44 

physical properties, 37 
preparation, 42 
radioactivity, 449 
spectra, 38 
Rusting of iron, 389 
Ruthenates, 418 
Ruthenites, 418 
Ruthenium, 
analytical, 427 
compounds, 416 
occurrence, 413 
oxidation potentials, 417 
properties, 414 
reactions, 416 
tetroxide, 418 
Rutile, 312, 316 
type of crystal lattice, 489 
Rydberg's constant, 468 

Sal ammoniac, 188 
Samarium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Sand, 299 
Sandstone, 303 
Sapphire, 88 
Salvarsan, 292 
Scandium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Scapolite, 305 
Scheele, 155 
Scheele's green, 226 
Sea water, composition, 41 
Sedimentary rocks, 303 
Selenates, 251 
Selenic acid, 251 
Selenides, 242 
Selenites, 244 


Selenium, 
analytical, 258 
compounds with sulfur, 257 
dioxide, 244 

halogen compounds, 257 
metallic, 238 
modifications, 238 
occurrence, 234 
oxides, 242 
properties, 238 
Seleno, 

-acids, 256 
sulfuric acid, 258 
Selenous acid, 244 
Senarmontite, 210 
Serpentine, 305 
Sherardizing, 129 
Siderite, 380 
Silica, 300 
Silicates, 303-307 
analysis, 310 
Silicic acids, 301 
Silicides, 296, 297 
Silicochloroform, 299 
Silicoethane, 298 
Silico-oxalic acid, 299 
Silicon, 

amorphous, 295 
compounds with halogens, 298 
compounds with hydrogen, 297 
crystalline, 295 
dioxide, modifications, 299 
heat of oxidation, 301 
monoxide, 299 
occurrence, 294 
oxychloride, 299 
reactions, 296 
tetrachloride, 298 
tetrafluoride, 298 
Sillimanite, 305 
Silver, 

acetylide, 281 
alums, 117 
amalgam, 112 

ammonia complex, constant, 114 

anal 3 ^ical, 119 

arsenate, 116 

carbonate, 115 

complex ions, 113 

cyanide, 115 

dichromate, 116 

ferricyanide, 116 
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glance, 111 
halides, 114, 115 
imide, 186 
metallurgy, 111 
nitrate, 116 
nitride, 114 
nitrite, 116 
occurrence, 112 
oxidation potentials, 114, 119 
oxides, 114, 118 
perchlorate, 175 
phosphate, 116 
properties of metal, 101, 112 
pyrophosphate, 224 
sulfide, 116 
solubility, 101 
Slag, blast furnace, 383 
Smaltite, 399 
Smalt, 405 
Smithsonite, 127 
Smoke screens, 250, 298 
Smokeless powder, 288 
Sneeze gas, 293 
Soap, 74 

Soapstone, 60, 304 
Soda-ash, 47 
Sodalite, 305 
Sodium, 
amalgam, 43 
amide, 186 
analytical, 55 
atomic structure, 37 
azide, 193 
bicarbonate, 46 
bismuthate, 228 
bromide, 52 
carbonate, 46 
chemical properties, 38, 42 
chloride, 50 

type of crystal lattice, 489 
chromate, 356 
compounds, production, 47 
cyanide, 52, 285 
dichromate, 356 
ferri-nitrosopentacyanide, 396 
ferrite, 392 
ferrocyanide, 394 
flame test, 55 
fluoride, 49 
hydride, 43 
hydroxide. 44 
iodate, 176 


iodide, 52 

ion, hydration of, 37 
ionization potential, 37 
molecule, 38 
nitrate, 53 
occurrence, 41 
oxalate, analytical, 377 
oxidation potential, 37 
oxides, 44 

peroxide, source of oxygen, 24 
peroxydisulfate, 255 
phosphate, 224 
physical properties, 37 
preparation, 42 
pyroantimonate, 227 
silicate, 302 
spectra, 38 
sulfate, 53 
sulfide, 241 
ase, 44 
Solder, 324 

Solubilities, tables of, 521 
Solubility, 
def., 468 

product, 469, 506 
Solute, 469 
Solution, 469 
Solvay process, 47 
Solvent, 469 
Sorbite, 386 
Sorel cement, 70 
Spathic iron, 380 
Specific, 
gravity, 469 
heat, 469 

values for many substances, 512 
volume, 469 
Spectrum, 469 
Sphalerite, 127 
Sphene, 312 
Sperrylite, 413 
Spiegel iron, 368 
Spinel, 60, 93 
Spodumene, 42 
Stalactite, 69 
Stalagmite, 69 
Standard, 
conditions, 469 
potential, 469 
Stannates, 328 
Stannic, 
acid, 328 
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halides, 328 
sulfate, 330 
sulfide, 329 
Stannites, 328 
Stannous, 
halides, 328 
hydroxide, 328 
oxide, 328 
sulfate, 330 
sulfide, 329 
Starch, 282 

Stassfurt deposits, 51, 155 
Steel, 

acid resistant, 297 
Bessemer, 387 
case-hardened, 388 
chrome, 349 
cobalt, 401 
crucible, 388 
high speed, 350, 386 
manufacture, 386 
nickel, 402 
open-hearth, 386 
properties, 384 
stainless, 350 
tempering, 385 
tungsten, 351 

types of simple carbon, 385 
Stellite, 350, 401 
Stephan's constant, 469 
Stibine, 216 
Stibnite, 210, 230 
Stilbite, 305 
Stoichiometric, 469 
Storage battery, 

Edison, 410 
lead, 334 
Strontia, 63 
Strontianite, 60 
Strontium, 
analytical, 77 
carbonate, 69 
halides, 71 
hydroxide, 67 
metal properties, 58, 60 
nitrate, 76 
oxide, 63 
spectra, 79 
sulfate, 73 
Strychnine, 292 
Sucrose, 282 
Sugar, 282 


Sulfamic acid, 256 
Sulfamide, 256 
Sulfate, 250 
analytical, 258 
Sulfide, 

analytical, 258 
properties, 241 
Sulfites, 243 
Sulfur, 

analytical, 258 
dioxide, 242 
flowers of, 237 
halides, 257 

in illuminating gas, 239 
milk of, 237 
monochloride, 257 
monoclinic, 235 
occurrence, 234 
oxides, 242 
properties, 235 
rhombic, 235 
sesquioxide, 242 
trioxide, 245 
Sulfuric acid, 
as oxidizing agent, 250 
commercial uses, 249 
electron structure, 245 
hydrates, 249 
ionization constants, 249 
manufacture, 245, 246 
physical properties, 248 
Sulfurous acid, 
electron structure, 243 
oxidation by nitrite, 200 
oxidation potentials, 243 
properties, 243 
Sulfuryl, 
amide, 186 
chloride, 257 
Superphosphate, 223 
Surface tension, 469 
Symmetry, elements of, 488 
System, 469 

Tachydrite, 70 
Talc, 60, 304, 305 
Tantalates, 345 
Tantalic acid, 345 
Tantalite, 376 
Tantalum, 
carbide, 346 

halogen compounds, 345 
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metallurgy, 377 
monoxide, 345 
nitride, 346 
occurrence, 376 
oxidation potentials, 345 
pentoxide, 345 
properties, 338 
reactions, 339 
sulfide, 346 
Tartar emetic, 227 
Tear gas, 293 
Tejluric acid, 251 
Tellurides, 242 
Tellurites, 245 
Tellurium, 
analytical, 259 
complex iodide, 259 
chloride, 246 

compounds with sulfur, 257 
dioxide, 245 

halogen compounds, 257 
iodide, 246 
monoxide, 245 
occurrence, 234 
oxides, 242 
properties, 239 
trioxide, 251 
Tellurous acid, 245 
Telluryl compounds, 245 
Temperature, def., 469 
Terbium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
subgroup, 437 
Tetragonal system, 488 
Tetrathionic acid, 252, 254 
Thallic compounds, 150 
Thallium, 
analytical, 150 
metal, 145 
occurrence, 144 
oxidation potentials, 149 
radioactive isotopes, 444 
Thallous compounds, 140 
Thermite, 91 
Thermoelectric force, 469 
Thioantimonates, 230 
Thioantimonites, 230 
Thioarsenates, 230 
Thioarsenites, 230 


Thiocarbonate, 256, 278 
Thiocyanate, 286 
Thiocyanic acid, 256 
Thiokol, 283, 290 
Thiomolybdate, 360 
Thionic acid, preparation, 
254 

Thionyl chloride, 257 
Thiostannates, 329 
Thiosulfate, 
complex ions, 253 
reactions, 253 
reaction with iodine, 178 
Thiosulfuric acid, 252, 253 
Thiotungstates, 363 
Thiourea, 286 
Thiovanadites, 342, 346 
Thoria, 319 
Thorianite, 313 
Thorite, 313 
Thorium, 
analytical, 320 
compounds, 319 
emanation, 447 
occurrence, 312 
properties, 314 
radioactive properties, 444 
series, 443 
silicates, 312 
A, 444 

C, 444 
C', 444 
C",444 

D, 444 
X, 444 

Thoron, 447 
Thulium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
Tin, 

alloys, 324, 325 
analytical, 334 
disease, 322 
foil, 324 
hydride, 329 
hydroxide, 328 
metallurgy, 323 
occurrence, 321 
oxidation potentials, 327 
oxides, 328 


562 


INDEX 


properties, 322 
reactions, 325 
Titanate, 316 
Titanite, 305 
Titanium, 
analytical, 320 
compounds, 315 
occurrence, 312 
oxidation potentials, 315 
properties, 314 
sulfides, 317 

Titanous chloride, in determination 
of iron, 399 
Toluene, 279 
Topaz, 305 
Tourmaline, 82, 306 
Transformation series, 441 
Transition series, 
first, 378 
second, 412 
third, 412 

Transmutation, 449 
Tremolite, 305 
Tribromaniline, 155 
Trichlornitride, 193 
Triclinic crystals, 490 
Tridymite, 300 
Triiodide, 168 
Trinitrobenzene, range, 510 
Trinitrotoluene, 288 
Triple point, 471 
Trithionic acid, structure, 252 
Tungstate, 362 
Tungsten, 
alloys, 351 
analytical, 365 
blue, 362 
compounds, 360 
metallurgy, 350 
occurrence, 349 
oxidation potentials, 361 
reactions, 352 
Tungstic acid, 362 
Turnbull's blue, 396 
Turquoise, 88 
green, 405 
Type metal, 325 

Ultramarine, 96 
Unsaturated compounds, 262 
Uranates, 364 
Uraninite, 349 


Uranium, 
analytical, 345 
compounds, 362 
ferrocyanide, 395 
metallurgy, 350 
occurrence, 349 
oxidation potentials, 364 
properties, 351 
reactions, 352 
series, 443 

I, 442 

II, 442 

X, 443 
X 2 , 443 

Y, 443 

Z, 443 

Uranyl compounds, 364 
Urea, 189, 201, 286 

Valence, 470 

in terms of electron-pair, 261 
octet theory, 7, 16, 153 
of carbon compounds, 261 
Vanadates, 342 
Vanadic acid, 341 
Vanadinite, 336 
Vanadites, 341 
Vanadium, 
analytical, 346 
compounds, 339 
metallurgy, 377 
occurrence, 336 
oxidation potentials, 339 
properties, 338 
reactions, 339 
Vanadyl, 
ion, 339 
salts, 341 

Van der Waal’s equation, 470 
Venetian red, 393 
Vermilion, 142 
Vesuvianite, 305 
Vinyl, 
group, 281 
plastics, 290 
Viscose, 288 
Viscosity, 470 
Vitellin, 209 
Vitriol blue, 109 
Volborthite, 336 
Volt, 470 

Volume, conversion factors, 515 
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Washing soda, 47 
Water, 

crystal structure, 28 
gas, 270 
glass, 302 

physical properties, 27 
purification, 30 
softening, 74 
table of densities, 503 
table of vapor pressure, 505 
Watt, def., 470 
Wave-length, 470 
Weight, conversion factors, 515 
Werner, 407 
White lead, 333 
White metal, 325 
Willemite, 127, 305 
Witherite, 69 
Wolframite, 349 
Wood’s metal, 215 
Work, conversion factors, 515 
Wurtzite, structure, 491 

Xenon, 
occurrence, 13 
physical properties, IS 
Xenotime, 432 
X-rays, 470 

Ytterbium, 
analytical, 435 
compounds, 433-437 
occurrence, 432 
physical properties, 431 
subgroup, 435 
Yttrium, 
analytical, 435 


compounds, 433-437 
occurrence, 432 
physical properties, 431 
subgroup, 430 
Yttrocerite, 433 

Zeolites, 307 
process, 75 
Zinc, 

aluminate, 93 
analytical, 134 
blende, 127 
carbonate, 133 
chromate, 357 
complex ions, 130 
ferrocyanide, 134, 395 
galvanized, 129 
halides, 132 
hydroxide, 131 
metallurgy, 127 
occurrence, 127 
oxide, 131 

type of crystal lattice, 489 
properties of metal, 126, 129 
spelter, 128 
sulfate, 132 
sulfide, 127, 133 
crystal lattice, 489 
Zincate, 131 
Zincite, 127 
Zircon, 305, 313 
Zirconium, 
analytical, 320 
compounds, 317 
occurrence, 312 
properties, 314 
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Symbol 

Atomic 

Number 

Atomic 

Weight 

1 

Symbol 

Atomic 

Number 

Atomic 

Weight 

Aluminum 

A1 

13 

26.97 

Molybdenum 

iVIo 

42 

95.95 

Antimony 

Sb 

51 

121.76 

Neodymium 

Nd 

60 

144.27 

Argon 

A 

18 

39.944 

Neon 

Ne 

10 

20.183 

Arsenic 

As 

33 

74.91 

Nickel 

Ni 

28 

58.69 

Barium 

Ba 

56 

137.36 

Nitrogen 

N 

7 

14.008 

Beryllium 

Be 

4 

9.02 

Osmium 

Os 

76 

190.2 

Bismuth 

Bi 

83 

209.00 

Oxygen 

0 

8 

16.0000 

Boron 

B 

5 

10.82 

Palladium 

Pd 

46 

106.7 

Bromine 

Br 

35 

79.916 

Phosphorus 

P 

15 

30.98 

Cadmium 

Cd 

48 

112.41 

Platinum 

Pt 

78 

195.23 

Calcium 

Ca 

20 

40.08 

Potassium 

K 

19 

39.096 

Carbon 

C 

6 

12.010 

► Praseodymium 

Pr 

59 

140.92 

Cerium 

Ce 

58 

140.13 

Protactinium 

Pa 

91 

231 

Cesimh 

Cs 

55 

132.91 

Radium 

Ra 

88 

226.05 

Chlorine 

Cl 

17 

35.457 

Radon 

Rn 

86 

222 

Chromium 

Cr 

24 

52.01 

Rhenium 

Re 

75 

186.31 

Cobalt 

Co 

27 

58.94 

Rhodium 

Rh 

45 

102.91 

Columbium 

Cb 

41 

92.91 

Rubidium 

Rb 

37 

85.48 

Copper 

Cu 

29 

63.57 

Ruthenium 

Ru 

44 

101.7 

Dysprosium 

Dy 

66 

162.46 

Samarium 

Sm 

62 

150.43 

Erbium 

Er 

68 

167,2 

Scandium 

Sc 

21 

45.10 

Europium 

Eu 

63 

152.0 

Selenium 

Se 

34 1 

78.96 

Fluorine 

F 

9 

19.00 

Silicon 

Si 

14 

28.06 

Gadolinium 

Gd 

1 64 

156.9 

Silver 

Ag 

47 ^ 

107.880 

Gallium 

Ga 

31 

69.72 

Sodium 

Na 

11 

22.997 

Germanium 

Ge 

32 

72.60 

Strontium 

1 Sr 

38 

87.63 

Gold 

Au 

79 

197.2 

Sulfur 

S 

16 

32.06 

Hafnium 

1 Hf 

1 72 

178.6 

Tantalum 

Ta 

73 

180.88 

Helium 

He 

I 2 

; 4,003 

Tellurium 

Te 

52 

127.61 

Holmium 

Ho 

! 67 

! 163.5 

Terbium 

Tb 

65 

159.2 

Hydrogen 

H 

1 

1.0081 

Thallium 

Tl 

81 

204.39 

Indium 

In 

49 

114.76 

Thorium 

1 Th 

90 

232.12 

Iodine 

I 

53 

126.92 

Thulium 

Tm 

69 

169.4 

Iridium 

Ir 

77 

193.1 

Tin 

Sn 

50 i 

118.70 

Iron 

Fe 

26 

55.84 

Titanium 

Ti 

22 

47.90 

Krypton 

Kr 

36 

83.7 

Tungsten 

W 

74 

183.92 

I^anthanum 

La 

, 57 

138.92 

Uranium 

i U 

92 

238.07 

Lead 

Pb 

82 

207.21 

Vanadium 

1 V 

23 

50.95 

Lithium 

Li 

3 

6.940 

Xenon 

i Xe 

54 

131.3 

Lutecium 

Lu 

71 

175.0 

Ytterbium 

1 Yb 

70 

173.04 

Magnesium 

Mg 

12 

24.32 

Yttrium 

' Y 

39 

88.92 

Manganese 

Mn 

25 

54.93 

Zinc 

Zn 

30 

65.38 

Mercury 

Hg 

80 

200.61 

Zirconium 

1 2r 

40 

1 91.22 
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